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The  Homogeneous  Gas  Phase  Kinetics  of  Reaction  i 
Hydrazine-Nitrogen  Tecroxide  Propellant  System 
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Page  ii  fourth  line  from  bottom,  change  "reduction" 
to  oxidation 

Page  63  equation  E3  (19)  should  read 


ihil\=  log  k  +  21 

dc  i  =  1 


Page  85  reaction  R4{6)  should  read 


n±  log  [A..J 


H  -r  NO^— — — - p  *N0  *r  OH 


Page  87  fourth  line  from  bottom  should  read:  .....con¬ 
centration  of  the  third  body,  M, 

Page  141  sixth  reaction  under  NK3/N02  should  read 

NO  +  NH^ - p-  K^O  +  N^ 

Page  168  reaction  R7  (2 )  should  read 


EONO 


-ft  OH  4-  NO 


Page  170  first  ecuation  should  read 


/*2  *2 

Page  180  equation  should  read 


<3  f  °2  3 

— dt  "  ~  k2i 


l1 


26 _ 

k29  ‘°23 

*25 

k23 


Page  259  Table  34,  dimensions  should  read  [  (moles/cc) *  5  sec*’i] 


ABSTRACT 


The  homogeneous  gas  phase  reaction  of  hydrazine  and 
nitrogen  dioxide  is  of  direct  interest  to  rocket  propul¬ 
sion  as  it  relates  to  the  combustion  of  the  propellants, 
hydrazine  and  nitrogen  tetroxide.  The  reaction  of  these 
two  gases  is  representative  of  a  general,  unresolved  prob¬ 
lem  in  combustion,  the  role  of  fuel  pyrolysis  in  oxi¬ 
dation  reactions.  Both  reactants  of  this  combination 
have  the  potential  for  decomposition:  hydrazine  to  am¬ 
monia,  hydrogen,  and  nitrogen;  and  nitrogen  dioxide  to 
nitric  oxide  and  oxygen. 

A  number  of  different  homgeneous  gas  phase  re¬ 
actions  arising  from  the  possible  combinations  of  the 
fuels:  hydrazine,  ammonia,  hydrogen,  and  decomposed  hydra¬ 
zine  with  the  oxidizers:  nitrogen  dioxide,  oxygen,  nitric 
oxide,  and  decomposed  nitrogen  dioxide  were  investigated 
in  the  same  adiabatic  flow  reactor  at  temperatures  falling 
between  800  and  1300°K.  Heats  of  reaction,  reaction  orders, 
and  reaction  rates  were  determined.  From  the  measured 
reaction  rates,  Arrhenius  rate  constants  were  calculated 
and  overall  activation  energies  determined.  Based  on 
the  experimental  observations  and  the  work  of  other  in¬ 
vestigators  on  related  reactions,  reaction  mechanisms 
were  postulated. 

The  reaction  of  hydrogen  and  oxygen  is  about  10  times 
more  rapid  than  the  reaction  of  hydrogen  and  nitrogen 
dioxide.  The  hydroger./nitrogen  dioxide  reaction  pro¬ 
duces  nitric  oxide  which  inhibits  the  further  reduction 
of  hydrogen.  In  small  concentrations  nitric  oxide  is 
observed  to  accelerate  the  reaction  of  hydrogen  and 
oxygen.  No  reaction  between  hydrogen  and  nitric  oxide 


.  I 


*  '  » 
ill 


is  observed. 

Ammonia  reacts  about  ten  times  more  rapidly  with 
nitrogen  dioxide  than  with  oxygen.  This  more  rapid  re¬ 
action  is  traced  to  the  role  of  nitrogen  dioxide  in 
hydrogen  abstraction  from  ammonia.  The  reaction  of  am¬ 
monia  with  decomposed  nitrogen  dioxide  and  with  nitric 
oxide  is  slower  than  with  oxygen  is  not  observed. 

The  reaction  of  ammonia  and  hydrogen,  corresponding 
to  the  reactive  decomposition  products  of  hydrazine,  is 
much  more  rapid  with  nitrogen  dioxide  than  with  oxygen. 

No  reaction  can  be  obtained  with  decomposed  nitrogen  di¬ 
oxide  or  w_th  nitric  oxide.  Ammonia  retards  the  reaction 
of  hydrogen  and  oxygen  in  proportion  to  the  amount  of 
ammonia  present.  Hydrogen  accelerates  the  ammonia/ 
oxygen  reaction, largely  independently  of  the  concentra¬ 
tion  of  hydrogen.  The  reaction  rate  of  the  mixture  of 
hydrogen  and  ammonia  with  nitrogen  dioxide  is  similar 
to  the  hydrogen/nitrogen  dioxide  and  to  the  ammonia/ 
nitrogen  dioxide  reaction  rates  which  are  also  compar¬ 
able  with  each  other. 

Hydrazine  and  nitrogen  dioxide  react  with  a  two 
step  behavior.  The  rapid  reduction  of  nitrogen  dioxide 
to  nitric  oxide  is  followed  by  a  slower  reduction  of 
nitric  oxide.  The  first  step  reaction  occurs  without 
hydrazine  decomposition.  The  second  step  requires  the 
decomposition  of  hydrazine.  The  reaction  of  hydrazine 
and  oxygen  occurs  with  simultaneous  decomposition  and 
oxidation.  The  reaction  of  hydrazine  and  nitric  oxide 
is  similar  to  the  second  step  of  they  hydrazine/nitrogen 
dioxide  reaction. 
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SUMMARY  OF  MEASURED  REACTION  RATES 


reaction 

reaction  rate  = 

rate 

k  =  10A 

constant 

exp  (-E/RT) 

(concentrations  in  mole/cc) 

A 

E 

(kcal/mole 

H2/N°2 

14.26 

46.2 

h2/°2 

k  [H2] 

10.96 

3  8.2 

H2/NO  +  ^02 

k  [H2]* 

16.47 

68.6 

H2/M0 

no  reaction 

— 

— 

NH3//N02 

k  [nh3][no2] 

15.85 

33.8 

NH3/o2 

k  (nh3j (o2j* 

14.61 

38.7 

NH3/NO  +  ^02 

no  reaction 

— 

— 

NH-/NO 

no  reaction 

— 

— 

NH3+  ^H2/N02 

k  [nh3  +  *5H23  [no2]* 

23.44 

65.9 

NH3+  %H2/02 

k  (nh3  +  ^h2] [o2] * 

19.64 

61.9 

nh3  +  ^h2/'no  +  hp2 

no  reaction 

— 

— 

nh3  +  ^h2/no 

no  reaction 

— 

— 

N2H4/N02  step  I 

k  {n2h43 [no2j 

15.83 

26.7 

N2H4/N02  step  II 

k  [N2H4] 

10.17 

39.6 

N2H4/02 

k  (n2h43 

9.91 

37.2 

N2H4/NO  +  3502 

k  [n2h43* 

10.35 

39.1 

n2h4/no 

k  [n2h43 

11.48 

45.4 

assumed  rate 


equations  , 


others  determined  experimentally 
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CHAPTER  1 .  INTRODUCTION 

Although  great  interest  exists  in  the  use  of 
the  hydrazine/nitrogen  tetroxide  combination  as  a 
rocket  propellant,  their  reaction  has  received  little 
attention.  The  impossibility  of  obtaining  the  premixed 
combinations  required  for  chemical  kinetics  studies  in 
shock  tubes,  isothermal  bombs,  isothermal  flow  reactors, 
and  premixed  flames  has  no  doubt  contributed  to  this 
dearth  of  investigations.  The  only  reported  reaction  studies 
are  those  based  on  droplet  burning,  for  example  (1,  2,  3,  4)*, 
and,  in  a  single  c^se,  upon  a  diffusion  flame  (4).  Since 
reaction  rates  in  both  of  these  cases  are  likely  to  be  dif¬ 
fusion  limited,  little  understanding  of  the  chemical  kinetic 
processes  and  rates  has  resulted. 

1 . 1  REACTION  MATRIX 


While  the  motivation  for  the  present  studies  came 
directly  from  the  application  of  these  chemicals  as  rocket 
propellants,  an  understanding  of  the  reaction  of  hydra¬ 
zine  and  nitrogen  dioxide  sheds  some  light  on  a  central, 
unresolved  problem  in  combustion,  the  role  of  pyrolysis 
of  a  fuel  in  its  subsequent  or  concurrent  oxidation.  In 
fact,  the  particular  combination  of  hydrazine  and  nitrogen 
dioxide  is  representative  even  more  broadly  of  the  role  of 
pyrolysis  in  combustion  in  that  both  the  fuel  and  the  oxi¬ 
dizer  are  subject  to  possible  decomposition.  The  gas  phase 
pyrolysis  of  hydrazine  to  ammonia,  hydrogen,  and  nitrogen 
is  well  established.  The  decomposition  of  nitrogen  tetroxide 
to  nitrogen  dioxide  under  most,  if  not  all,  conditions  of 
a  gas  phase  combustion  reactions  is  so  rapid  that  nitrogen 

•k 
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dioxide  may  be  considered  as  the  initial  oxidizer.  Nitrogen 
dioxide  may  undergo  further  decomposition  to  nitric  oxide 
and  oxygen,  and  under  extreme  conditions,  the  nitric  oxide 
can  thermally  decompose  to  ozygen  and  nitrogen. 

In  addition  to  the  reaction  of  hydrazine  and  nitrogen 
dioxide,  a  matrix  of  other  possible  reactions  can  result 
from  the  decompositions  of  these  parent  species.  In  all, 
a  four  by  four  matrix  representing  16  separate  reactions 
must  be  considered  as  relating  to  the  reaction  of  the  single 
precursor  pair,  see  Figure  1.  The  mixed  oxidizer,  NO  +  hc>2, 
corresponding  to  the  first  step  decomposition  products  of 
nitrogen  dioxide,  and  the  mixed  fuel,  NH3  +  %H2,  corresponding 
to  the  reactive  decomposition  products  of  hydrazine,  have 
been  treated  as  reactants  distinct  from  their  respective 
components . 

1 . 2  OBJECTIVES 


The  task  of  sifting  and  distinguishing  the  details 
of  the  mechanism  of  a  reaction  as  complex  as  that  of  hydra¬ 
zine,  and  nitrogen  dioxide  is  beyond  the  capability  of  cur¬ 
rent  kinetics  experiments,  it  is  both  desirable  and  pos¬ 
sible,  however,  to  understand  more  about  the  reaction 
than  can  be  learned  from  the  gross  features  of  its  behavior 
in  a  rocket  combustion  chamber.  While  it  is  the  nature 
of  the  adiabatic  flow  reactor  experiments  to  conceal  the 
details  of  individual  reaction  steps  by  surrounding  them 
with  the  competing  and  influencing  presence  of  reactants, 
intermediates,  and  products,  the  technique  is  suited  par¬ 
ticularly  well  to  the  task  undertaken.  The  adiabatic  flow 
reactor,  while  offering  neither  the  precision  of  a  mole- 
cular  beam  experiment  nor  the  pragmatic  applicability  of 
a  rocket  chamber  firing,  lies  between  the  two  with  the  pro¬ 
mise  of  learning  some  thing  about  the  chemical  kinetics  of 
a  complex  reaction  under  conditions  requiring  only  moderr te 
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extrapolation  to  be  applicable  to  a  propulsion  combustor. 

The  capability  of  the  flow  reactor  experiments  to 
yield  homogeneous  gas  pv  ase  reaction  rates  and  reaction 
orders  was  utilized  fully.  Hopefully,  these  results  in 
themselves,  especially  as  they  represent  several  reactions 
whose  rates  have  not  been  measured  previously,  will  con¬ 
tribute  to  the  growing  knowledge  of  reaction  kinetics. 

A  more  important  objective,  however,  has  been  to  study  a 
number  of  related  reactions  in  the  same  apparatus  thereby 
eliminating  the  variable  of  experimental  technique  which 
usually  plagues  the  comparison  of  chemical  kinetic  studies. 
Of  the  16  reactions  represented  by  the  reaction  matrix,  11 
were  found  to  have  measurable  rates.  That  these  reactions 
were  all  investigated  in  the  same  experimental  apparatus 
provided  an  uncommon  opportunity  for  comparison  with  as¬ 
surance  that  differences  noted  were  attributible  to  the 
chemical  kinetics  of  the  reactions  rather  than  the  nature 
of  the  experiments  represented. 

1.3  OUTLINE  OF  PRESENTATION 


The  following  two  chapters  are  devoted  to  providing 
background  material  on  the  chemical  and  physical  properties 
of  the  reactants  studied  and  to  presenting  a  review  of 
the  experimental  technique  including  both  the  nature  of 
the  experimental  measurements  and  the  approach  to  their 
interpretation.  The  experimental  results  are  then  dis¬ 
cussed  in  four  chapters,  grouped  according  to  the  fuel 
investigated,  in  the  order:  hydrogen,  ammonia,  hydrogen  + 
ammonia,  and  hydrazine.  In  each  of  these  chapters,  the 
reaction  of  the  particular  fuel  with  each  of  the  oxidizers 
is  discussed  (1)  in  terms  of  the  measured  stoichiometry,  heat 


of  reaction,  reaction  order,  and  reaction  rate,  (2)  in 
comparison  with  the  results  of  other  investigators,  where 
available,  and  (3)  in  terms  of  a  plausible  reaction  mechanism. 
A  comparision  of  the  various  oxidations  of  each  fuel  con¬ 
cludes  each  of  these  four  chapters.  Finally,  a  comparison 
of  all  the  reactions  studied  is  attempted.  Particular  at¬ 
tention  is  given  to  general  similarities  and  particular 
contrasts  and  to  the  effect  of  reactant  decompositions  upon 
their  subsequent  reaction. 


CHAPTER  2. 


THE  REACTANTS 


While  the  investigation  is  centered  upon  the  reaction 
of  hydrazine  and  nitrogen  dioxide,  the  reactions  of  a 
number  of  other  species  resulting  from  the  thermal  decom¬ 
position  of  hydrazine  and  nitrogen  tetroxide  also  are  con¬ 
sidered,  especially  as  they  relate  to  the  hydrazine/nitrogen 
dioxide  reaction.  In  this  chapter  the  physical  and  chemi¬ 
cal  properties  of  these  species  and  the  nature  of  their 
decompositions  are  consider  d.  The  propellant  performance 
characteristics  of  hydrazine  and  nitrogen  tetroxide  are 
discussed  in  Appendix  E. 

2.1  HYDRAZINE  AND  ITS  DECOMPOSITION  PRODUCTS 

While  the  considerable  recent  attention  paid  to  hydra¬ 
zine  is  no  doubt  due  in  large  part  to  its  increased  use 
as  a  rocket  propellant,  its  ability  to  sustain  a  decom¬ 
position  flame  has  attracted  interest  for  a  period  dating 
back  to  the  work  of  Murray  and  Hall  (5)  reported  in  1951. 
Because  hydrazine  readily  undergoes  pyrolysis  to  other  re¬ 
active  species,  ammonia  and  hydrogen,  understanding  of 
hydrazine  oxidation  must  necessarily  involve  the  consider¬ 
ation  of  the  decomposition  process  and  the  properties  of 
its  decomposition  products. 

2.1.1  Hydrazine 

Hydrazine  is  a  clear  hydroscopic  liquid  with  many 
physical  properties  resembling  those  of  water,  see  Table  1. 

A  saturated  hydronitrogen,  hydrazine  has  the  structure. 


TABLE  1. 


Physical  properties  of  some  H,  N,  0  compounds 
(6,  7,  8,  9,  10) 


I 


« 


H2 

nh3 

N2H4 

H2° 

2N00 

*N284 

B 

°2 

molecular  weight 

2 

17 

32 

18 

92/46 

30 

32 

melting  point  (°C) 

-259 

-75 

2 

0 

-11 

-164 

-219 

boiling  point  (°C) 

-253 

-33 

113 

100 

21 

-152 

-183 

critical  temperature  (°C) 

-240 

132 

380 

374 

158 

-93 

-119 

heat  of  fusion  (kcal/mole) 
at  melting  point 

.03 

1.8 

1.4 

3.0 

.11 

heat  of  vaporization  (kcaVmole) 
at  boiling  point 

.2 

5.6 

10.7 

9.7 

-  - 

8.6 

1.6 

liquid  density  (gm/cc) 

.07 

.68 

1.00 

1.0C 

1.45 

1.27 

m 

) 


i 

Ct 

k  ^ 

<  | 
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A  high  dipole  moment,  1.83  to  1.90  Debye  units,  favors  a 
cis-form. 


H 


Thermodynamic  functions  for  hydrazine  and  other  H-N-0  species 
are  summarized  in  Table  2.  Little  agreement  appears  to  exist 
on  the  assignment  of  bond  energies  in  hydrazine,  or  on  the 
interpretation  of  bond  dissociation  energies.  If  one  takes 
the  N-N  bond  energy  to  be  the  bond  dissociation  energy  measured 
by  Diebler  et  al  (14),  D(H2N-NH2)  =  60  (kcal/mole),  by  electron 
impact  studies,  then  the  average  N-H  bond  energy  in  hydrazine 
must  be  assigned  as  88  (kcal/mole).  As  an  example  of  the  dis¬ 
parity  in  the  assignment  of  oond  energies.  Jolly  (12)  has 
chosen  to  start  with  the  standard  N-H  bond  energy  of  93  (kcal/mole) 
corresponding  to  the  average  N-H  bond  energy  in  ammonia,  and 
assigns  a  38  (kcal/mole)  bond  energy  to  the  hydrazine  N-N  bond. 

McHale  et  al  (15)  conclude  from  the  decomposition  kinetics 
of  hydrazine  that  D  (H2N-NH2 )  =  54  (kcal/mole).  Gray  and 
Thynne  (16)  cite  reported  values  of  the  N-H  bond  dis¬ 
sociation  energy  in  hydrazine  of  from  76  to  117  (kcal/mole) 
but  estimate  from  their  experiments  and  analogy  with  iso- 
electronic  species  that  D(H-N2H3)  =  93  (kcal/mole).  Re¬ 
sults  of  the  present  experiments  would  support  a  value  less 
than  the  dissociation  energy  of  the  first  N-H  bond  in 
ammonia,  104  (kcal/mole).  Bond  dissociation  energies  for 
H-N-0  species  are  summarised  in  Table  3.  Some  H-N-0  bond 
energy  assignments  are  *  'sented  in  Table  4. 
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TABLE  2.  Thermodynamic  functions  at  298.16°K  for  some 
gaseous  H,  N,  0  species 


specie 

S° 

AH°f 

AF° 

re ference 

cal/mole  °K 

kcal/mole 

kcal/mole 

‘  H 

27.39 

52.10 

48.59 

(11' 

*  NH 

43-30 

79.20 

77.77 

'Ll) 

HNO 

52.73 

23.8 

26.86 

(11) 

HN02cis 

59.59 

-18.3 

-10.02 

(11) 

HN02trans 

59.55 

-18.8 

-10.51 

(ID 

hno3 

63.66 

-32.1 

-17.69 

(11) 

hn3 

56.7 

70.3 

78.5 

(12) 

OH 

43.92 

9.33 

8.19 

(11) 

H°2 

54.33 

5.0 

8.05 

(11) 

nh9 

45.11 

40. 

42.98 

(11) 

nh2oh 

-14.7 

(12) 

-18 

(13) 

nh2no 

(25) 

(estimated) 

N2H2 

48.7 

(12) 

h9o 

45.11 

-57.793 

-54.64 

(ID 

H2°2 

55.66 

-32.53 

-25.21 

(11) 

NH-. 

45.97 

-11.04 

-3.97 

(ID 

•J 

N_H_ 

(42) 

(estimated 

2  3 

N-H  „ 

56.97 

22.75 

38.02 

(ID 

2  4 

N 

36.61 

113 

108.87 

(ID 

NO 

50.35 

21.58 

20.70 

(ID 

NO- 

57.34 

7.91 

12.25 

(ID 

NO- 

60.36 

16.95 

27.36 

(12) 

N2 

45.77 

0 

0 

(11) 

'  No0 

52.56 

19.5 

24.78 

(ID 

4 

N-0- 

74.12 

19.99 

33.45 

(ID 

2  3 

»2°4 

72.72 

2.17 

23.35 

(11) 

N2°c 

75.67 

3.1 

30.67 

(11) 

0 

38.47 

59.56 

55.40 

(ID 

°2 

49.00 

0 

0 

(ID 

bond 


dissociation  ener 


reference 


[kcal/mole] 

H-H 

104 

(27) 

h-nh2 

104 

(12) 

H-NH 

95 

(12) 

H-N 

31 

(12) 

H-N2h3 

93 

(16) 

76 

(14) 

H-0 

100.4 

(28) 

H-OH 

120 

(27) 

118.5 

(28) 

H-OOH 

88 

(29) 

H-NO 

48 

(30) 

N^N 

226 

(12) 

HN=NH 

119 

(12) 

h2n-nh2 

60 

(14) 

54 

(15) 

o2n-no2 

13 

(29) 

N=0 

151 

(12) 

O-NO 

72 

(29) 

O-NN 

28 

(29) 

0=0 

118 

(12) 

0-00 


24 
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Table  4.  Bond  energies  for  H, 


0  bonds  (12,27,31) 


bond 

order 

example 

hydrogen-hydrogen 

1 

H2 

104 

hydrogen-oxygen 

1 

h2o 

111 

hydrog«=”  nitrogen 

1 

NH3 

93 

oxygen-oxygen 

1 

H2°2 

33 

2 

°2 

118 

oxygen-nitrogen 

1 

hno3 

57 

1.33 

N03 

91 

1.75 

no2 

112 

2 

hno2 

146 

2.5 

NO 

151 

nitrogen-nitrogen 

1 

N2H4 

38 

1 

N2°4 

52 

2 

n9h9 

99 

3 

N2 

226 

The  bond  distances  and  angles  m  hydrazine  are  (10) 


N-H  1.04  8  H-N-H  10P°  -  10° 

N-H  1.47  8  H-N-N  108°  -  10° 


rdrazme  decomposition 


The  ability  of  hydrazine  to  sustain  a  decomposition 
flame  has  received  the  attention  of  a  number  of  investi¬ 
gators  (17,18,19,  20,  5,  21,22,23,24,25,26).  Flame  studies, 
usually  at  low  pressures,  have  produced  a  general  agree¬ 
ment  that  the  decomposition  proceeds  with  an  overall  kinetic 
oraer  of  two,  and  with  a  temperature  dependence  of  the 
flame  speed  indicating  an  overall  activation  energy  near 
35  (kcal/mole).  Several  investigations  of  hydrazine  de¬ 
composition  have  been  conducted  m  shock  tubes,  generally 
at  total  pressures  oetween  1  and  10  (atm)  and  large  dilu¬ 
tions  with  argon  or  helium.  These  investigations  (32,  15, 
33,34.35,36,37)  are  in  general  agreement  that  the  decom¬ 
position  is  first  order  m  the  hydrazine  concentration 
as  is  consistent  with  the  higher  total  pressures  and  di¬ 
luted  compos  it- ions  of  these  studies.  The  rates  measured 
by  Eberstein  and  Glassman  (38)  in  the  same  apparatus 
as  for  the  present  experiments  are  in  agreement  with  the 
shock  tube  results.  A  comparison  of  measured  hydrazine 
decomposition  rates  is  made  in  Figure  2  from  the  results 
of  the  following  experimenters. 


I 


WSSfiwj rcuAn 


[13] 


Curve 


Experimenters 


Description  of 
experiment 


Michel  and  Wagner  (32) 


shock  tube,  1100- 
1600°K, .03-. 5%  N  H 
in  argon,  heliuin 
k  =  10p*4exp  (-52000/RT) 
(sec  _i) 


Eberstein  and  Glassman  (38)  flow  reactor, 890- 

1010°K,  5%  M  H.  in 
nitrogen  2 

k  =  lplu*^Jexp (-36170/RT) 
(sec-1 ) 


McHale,  Knox,  Palmer  (15) 


shock  tube,  970-1120  K 

1%N2H4i ^natrgon 
k  =  10|2*42exp  (-50600/RT) 

(sec  “-1) 


Moberly  (33) 


shock  tube,  930-1090  K 
N2H4  in  argon 

k=l08:64exp  (-31400/PT) 
(sec-1) 


Jost  (36) 


shock  tube,  1120-1550°K 
.3%N2H.  in  argon 
(rate  constants  cal¬ 
culated  from  Jost's 
data  by  Eberstein  (39) ) 


A  lack  of  agreement  in  the  observed  activation  energy 
is  noted.  Generally  higher  activation  energies  are  re¬ 
ported  for  shock  tube  experiments  than  for  the  flow  reactor 
experiment.  Such  an  apparent  inconsistency  may  result 
from  the  measurement  of  the  initiation  of  reaction  in 
the  shock  tubes  and  the  measurement  of  the  overall  reaction 
rate  in  the  flow  reactor.  All  of  the  experiments,  flame. 


RATE  CONSTANT  LOG 


COMPARISON  OF  HYDRAZINE  DECOMPOSITION  RATES 


FIGURE  2 
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shock  tube,  and  flow  reactor  studies,  showed  the  decom¬ 
position  to  follow  the  approximate  stoichiometry 

»2H4  **3  +  hii2  +  ^2 

2.1.3  Hydrogen 

As  a  decomposition  product  of  hydrazine,  hydrogen 
would  be  expected  to  be  reactive  in  subsequent  oxidation 
processes.  Hydrogen  is  thermally  stable  under  flow  re¬ 
actor  conditions.  The  physical  properties  of  hydrogen 
are  well  defined,  in  particular  the  dissociation  energy, 

D  (H-H)  =  103.266  (kcal/mole) 
and  the  bond  distance,  .7417  8. 

2.1.4  Ammonia 


Ammonia,  a  second  decomposition  product  of  hydrazine, 
has  a  pyramidal  structure  with  the  nitrogen  atom  at  the 
apex  and  the  hydrogen  atoms  at  the  corners  of  the  base. 

The  N-H  bond  distance  is  1.014  8  and  the  H-N-H  angle  is 
106.67°."  The  similarity  between  the  bond  distance  and 
angle  with  those  of  hydrazine  is  noted.  This  similarity 
suggests  a  structure  for  hydrazine  similar  to  ammonia  with 
a  hydrogen  atom  replaced  by  a  radical.  Under  the  flow 
reactor  conditions,  the  decomposition  of  ammonia  to  nitrogen 
and  hydrogen  is  thermodynamically  favored. 
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2.1.5  Decomposition  of  ammonia 

While  the  heterogeneous  decomposition  of  ammonia  has 
received  extensive  study,  see,  for  example,  (40),  little 
information  is  available  on  the  homogeneous  decomposition 
of  ammonia.  Jacobs  (41)  has  studied  the  decomposition 
of  ammonia  in  argon  using  a  shock-tube  and  infrared  emis¬ 
sion  in  the  temperature  range  of  2000-3000°K.  Extrapola¬ 
tion  of  his  results  to  the  temperatures  of  the  present 
investigations  indicates  that  thermal  decomposition  of 
ammonia  does  not  occur  in  the  flow  reactor  experiments. 
Temperatures  in  excess  of  1500°K  apparently  are  re¬ 
quired  to  produce  measurable  ammonia  decomposition.  There¬ 
fore,  while  equilibrium  considerations  favor  the  decom¬ 
position  of  ammonia  to  hydrogen  and  nitrogen,  kinetics 
considerations  indicate  that  no  significant  decomposition 
occurs. 

2.2  NITROGEN  TETROXIDE  AND  ITS  DECOMPOSITION  PRODUCTS 


As  does  hydrazine,  nitrogen  tetroxide  possesses  the 
potential  for  undergoing  a  series  of  decompositions  which 
could  affect  its  gas  phase  reactions.  All  of  the  gaseous 
nitrogen  oxides  have  positive  heats  of  formation  and, 
therfore,  the  thermodynamic  potential  for  decomposition 
to  nitrogen  and  oxygen.  The  rates  ac  which  the  various 
nitrogen  oxides  decompose  will  determine  largely  the 
role  of  oxidizer  pyrolysis  in  combustion  processes. 

2.2.1  Nitrogen  tetroxide 


While  in  both  the  liquid  and  gaseous  states,  nitrogen 


tetroxide  and  nitrogen  dioxide  always  exist  in  the  pre¬ 
sence  of  each  other,  the  solid  state  consists  of  pure 
N2°4*  Physical  properties  generally  refer  to  equilibrium 
mixtures  of  N2C>4  and  NC>2 .  The  nitrogen  tetroxide  mole¬ 
cule  is  planar  having  the  structure 


with  the  bond  distances 

N-N  1.75  8 

N-0  1.18  8 

and  the  O-N-O  bond  angle,  134°.  The  N-N  bond  length  is 
seen  to  be  much  greater  than  the  single  N-N  bond  in  hydra¬ 
zine.  rrrhis,  together  with  the  additional  observation  that 
the  O-N-O  angle  is  the  s*o.e  as  that  of  N02,  leads  Jolly 
(12)  to  suggest  that  nitrogen  tetroxide  corresponds  to 
a  lossely  joined  pair  of  nitrogen  dioxide  molecules.  While 
Jolly  (12)  assigns  a  N-N  bond  energy  of  52  (kcal/mole), 
studies  of  the  rate  of  dissociation  of  N204  suggest  that 
the  dissociation  energy,  D(02N-N02),  is  no  more  than  13 
(kcal/mole).  Schexnayder  (29)  reports  a  value  of  13 
(kcal/mole). 


The  decomposition  of  nitrogen  tetroxide  proceeds  very 
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rapidly.  The  measured  rates  of  Carrington  and  Davidson 
(42)  made  in  a  shock  tube  at  from  250  to  300°K  and  of  Wegener 
et  al  (43/44)  made  in  a  supersonic  wind  tunnel  at  from 
210  to  300°K  are  in  agreement.  Carrington  and  Davidson, 
on  the  basis  of  experiments  with  nitrogen  containing 
about  1%  nitrogen  tetroxide,  propose  a  limiting  first 
order  rate  constant  for  the  rate  equation 

=  -  k[M,0«] 

at 


of 


k  =  1016exp  (-13000/RT)  [sec-1] 

This  rate  is  so  rapid  as  to  indicate  that  gas  phase  nitrogen 
tetroxide  will  dissociate  to  nitrogen  dioxide  (or  to  its 
equilibrium  composition)  in  practically  all  conceivable 
combustion  situations. 

The  equilibrium  dissociation  of  nitrogen  tetroxide 
to  nitrogen  dioxide  was  calculated  on  the  basis  of  the 
thermodynamic  data  of  Giauque  and  Kemp  (45).  Contours 
of  the  degree  of  dissociation  as  a  function  of  temper¬ 
ature  and  pressure  are  presented  in  Figure  3. 

2.2.3  Nitrogen  dioxide 

Nitrogen  dioxide  is  a  brown  gas  with  the  structure 
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with  a  N-0  bond  length  of  1.18  &  and  O-N-O  bond  angle  of 
134°.  The  bond  dissociation  energy  energy,  D (O-NO)  =  72 
(kcal/mole)  (29),  makes  the  first  oxygen  atom  from  nitrogen 
dioxide  much  more  readily  available  than  an  oxygen  atom 
from  oxygen,  D  (0-0)  =  118  (kcal/mole).  Nitrogen  dioxide 
is  particularly  toxic.  The  recommended  maximum  allowable 
concentration  is  five  parts  per  million  (40,46).  The  high 
absorbtivity  of  nitrogen  dioxide  in  the  visible  range  pro¬ 
vides  a  convenient  method  of  determining  its  disappearance 
in  reactions  through  optical  means.  A  thorough  review 
of  the  reactivity  and  structure  of  nitrogen  dioxide  is 
presented  by  Gray  and  Yoffe  (47). 


2.2.4  Dissociation  of  nitrogen  dioxide 

The  dissociation  of  nitrogen  dioxide  according  to  the 
stoichiometry 


2N02  — ►  2N0  +  02 

while  not  as  rapid  as  the  dissociation  of  nitrogen  tetroxide, 
is  sufficiently  rapid  to  occur  in  some  combustion  situations. 
Rosser  and  Wise  (48)  have  measured  the  disappearance  of 
N02  in  closed  vessel  between  the  temperatures  of  630  and 
1020°K  in  the  presence  of  inert  gases  at  total  pressures 
up  to  one  atmosphere.  They  found  the  reaction  to  be  sec¬ 
ond  order  with  respect  to  the  nitrogen  dioxide  concen¬ 
tration 


dlNOxl 

6i 


-  ktM0.lt NO,] 


with  a  specific  rate  constant  given  by 


k  =  1012'6  exp  (-26900/RT)  [cc  mole"1  sec"1] 

No  effect  of  inert  gases  or  surface  coating  was  noted. 
Ashmore  and  Burnett.  t'/19)  have  confirmed  these  results  in 
similar  experiments. 

2.2.5  Nitric  oxide 


While  nitric  oxide  is  a  colorless  gas,  it  rapidly 
reacts  with  oxygen  in  air  to  form  nitrogen  dioxide.  The 
nitric  oxide  bond  distance  is  1.1508  8;  the  bond  dis¬ 
sociation  energy  D (N-0)  =  151  (kcal/mole).  Although  pos¬ 
sessing  a  positive  neat  of  formation,  nitric  oxide  is 
relatively  stable  up  to  temperatures  in  excess  of  2000°K. 

Wise  and  French  (50,51)  have  measured  the  dissocia¬ 
tion  of  NO  and  reported  a  second  order  homogeneous  dis¬ 
sociation  rate 

^  =  -  kMlNO) 
cK 

with  the  rate  constant 

k  =  1014*34  exp  (-78200/RT)  [cc  mole"1  sec  _1] 

Nitrogen  was  found  to  slow  the  dissociation  at  temperature 
less  than  1100°K.  Oxygen  was  observed  to  accelerate  the 
decomposition  of  nitric  oxide. 
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Because  of  the  slow  dissociation  of  nitric  oxide,  a 
pseudo-equilibrium  can  be  defined  by  the  relations 

n2o4  ---  5-  2N0  +  02 

The  composition  according  to  such  equilibria  is  presented 
in  Figure  4  for  a  pressure  of  one  atmosphere.  The  composi¬ 
tion  consists  of  approximately  100%  nitrogen  dioxide  at 
400°K  and  is  largely  dissociated  to  nitric  oxide  and  oxy¬ 
gen  at  temperatures  greater  than  1000°K. 

2.2.6  Oxygen 

As  the  second  decomposition  product  of  nitrogen  dioxide, 
oxygen  is  a  possible  reactive  specie  in  nitrogen  dioxide 
combustion.  The  oxygen  bond  distance  is  1.2074  8  and  the 
bond  dissociation  energy  D  (0-0)  =  118  (kcal/mole).  Oxy¬ 
gen  therarore  is  more  stable  than  nitrogen  dioxide  but 
less  stable  than  nitric  oxide. 

2 . 3  EQUILIBRIUM  COMPOSITIONS  OF  THE  H-N-0  SYSTEM 

The  probability  of  non-equilibrium  reactions  in^the 
systems  studied  was  both  anticipated  and  observed.  To  pro¬ 
vide  a  point  of  reference  for  following  discussions  of 
the  reactions  studied,  some  equilibrium  compositions  typical 
of  H-N-0  systems  studied  are  presented  for  the  conditions 
encountered  in  the  flow  reactor  experiments.  Calculations 
were  made  using  the  equilibrium  thermodynamic  program  men¬ 
tioned  in  Appendix  E. 
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2.3.1  H-N  Systems 

Under  ^low  reactor  conditions,  in  equilbirium  mix¬ 
tures  c  a\ lining  only  nitrogen  and  hydrogen,  these  two  ele¬ 
ments  appear  predominantly  in  their  diatomic  forms  with 
small  amounts  of  ammonia  at  the  lowest  temperatures. 

,038  N2H^  +  .962  N2  mole  fractions 

total  pressure  =  1  (atm) 


temperature,  °K 

800 

1000 

1200 

H2 

.07263 

.07270 

.07271 

N2 

.92731 

.92729 

.92729 

NH- 

.00006 

.00001 

.00000 

2.3.2  N-0  Systems 


As  in  the  H-N  system,  nitrogen  and  oxygen  appear  pre¬ 
dominantly  in  their  molecular  form.  Small  concentrations 
of  nitric  oxide  are  predicted  at  higher  temperatures.  The 
effect  of  the  nitrogen  is  to  increase  the  relative  amount 
of  oxygen  appearing  as  NO  as  opposed  Lo  0 2.  This  effect 
is  as  we  would  expect  from  consideration  of  the  equilibrium 


+ 


2N0 


N02  mole  fractions 

total  pressure  =  .04  (atm) 


temperature ,  K 
N~ 


800  1000 
33333  .33331 


1200 

.33321 


.66667 


.66665 


.66654 
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NO 

.00000 

.00004 

.00025 

.0199  N02  +  .9801  N2 

mole 

fractions 

total  pressure  •-=  1  (atm) 

temperature ,  °K 

800 

1000 

1200 

N„ 

Z 

.98010 

.98009 

.98007 

°2 

.01990 

.01990 

.01986 

NO 

.00000 

.00001 

.00007 

2.3.3  H-N-0  Systems 

The  equilibrium  compositions  of  mixtures  containing 
hydrogen,  nitrogen,  and  oxygen  contain  primarily  the  species 
H2,  H20,  N2,  02  and,  for  some  conditions,  small  amounts 
of  NO  or  NH^ .  Under  no  conditions  are  both  molecular  >xy- 
gen  and  molecular  hydrogen  present,  water  always  is  the 
dominant  specie  in  the  presence  of  oxygen  and  hydrogen. 

.943  N„  +  .019  H2  +  .038  N02  (latm)  mole  fractions 


temperature,  K 

800 

1000 

1200 

K  ,0 

.00394 

.00394 

.00394 

N2 

.99016 

.99015 

. 99014 

NO 

.00000 

.00001 

. 00004 

0o 

.00591 

.00590 

.00589 

In  hydrr.gen  rich  systems,  small  concentrations  of  ammonia 
are  predicted  at  the  lowest  temperatures. 


2.4  ENTHALPIES  OF  REACTION 


The  standard  enthalpies  of  reaction  of  a  number  of 
overall  reactions  involving  H,  N,  0  compounds  are  tabulated 
in  Table  5  for  future  reference  and  for  comparison  with 
measured  heats  of  reaction.  The  enthalpy  of  reaction  is 
taken  to  be 


products 


24ft 


) 

reactants 


so  that  an  exothermic  reaction  is  recorded  as  having  a  pos¬ 
itive  heat  of  reaction  corresponding  to  negative  change 
(decrease)  in  heat  of  formation  (products  minus  reactants). 

Since  the  measured  heats  of  reaction  are  obtained  at 
elevated  temperatures,  comparison  is  properly  made  with 
the  enthalpy  of  reaction  at  that  temperature.  This  enthalpy 
of  reaction  is  given  by 


This  effect,  however,  is  usually  small  so  that  neglecting 
it  is  consistent  with  the  experimental  uncertainty  in  the 
measured  heats  of  reaction.  The  enthalpies  of  reaction, 
for  the  particular  oxidations  studied  experimentally  ere 
summaned  in  the  form  of  the  "reaction  matrix"  in  Table  6. 
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Table  5.  Enthalpies  of  reaction  for  selected  reactions 
involving  H,  N,  0  compounds* 


decompositions  and  phase  changes 


N2H4 

N2H4 

n2h4  (1) 

N2°4 

n2o4(1) 

NO- 


NO 

NH. 


nh3  +  ^h2  +  ^n2 

2H2  +  N2 
N2H4  (g) 

2N°2 

n2°4  (g) 

NO  +  hC>2 

%n2  +  ho2 

1.5H2  +  h®2 


+33.80  [kcal/mole] 
+22.75 

-10.7  (7) 

-13.72 
-9.11 
-13.57 
+21.57 
-11.04 


hydration 


n2h4(1)  +  h2o(1)— ►  n2h4’h2o{1) 


+1.8  (10) 


oxidations  of  hydrogen 


H 

H 

H 

H 

H 

H 


2 

2 

2 

2 

2 

2 


+  N02  - »* 

+  N02  - ► 

+  ^NU2 - ► 

+  *so2  — 

+  uo  - ► 

+  3$NO  +  3*0. 


H20  +  NO 

H2°  +  Hn2  +  ho2 

H2  0  +  3sjN2 

H2° 

h2o  +  %»2 

- ►  H20  +  3*N2 


oxidations  of  ammonia 


+44.13 

+65.71 

+61.75 

+57.80 

+79.38 

+68.69 


NH3  +  1.5N02-*  1.5H2G  +  +  1-5NO  +55.15 

NH3  +  1.5N02-*  1.5H20  +  1.25N2  +  .7502  +87.52 


♦Calculated  from  values  in  Table  2,  except  as  referenced. 
Gas  phase  unless  otherwise  indicated;  (1)  =  liquid, 
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Table  5.  (continued)  Enthalpies  of  reaction  for  selected 
reactions  involving  H,  N,  0  compounds. 


nh3 

+ 

.75N02 

— ►  1.5H20 

+  .875N2 

NH3 

+ 

•7502 

— ►  1.5H20 

+  *n2 

NH 

+ 

1.5NO 

— ►  1.5H20 

+  1.25N2 

nh3 

+ 

. 75NO  + 

.37502  — 

-  1.5H20 

+  .875N2 


+81.59  [kcai/mole] 
+  75.66 
+108.03 

+91.84 


oxidations  of  hydrazine 


N9H4  +  2N02  — *■  2H20  + 

N2Ii,}  +  2N02  ►  2H20  + 

N2H4  +  N02  ►  2H20  + 

N2K4  +  °2  2H2°  + 

N2H4  +  2NO  - ►  2H20  + 


N2H,  +  NO  +  2H20  + 


N2  +  2NO 

+111.01 

2N2  +  02 

+154.17 

1.5N 

+146.26 

N2 

+138.35 

2N2 

+181.51 

1.5N2 

+159.93 
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EXPERIMENTAL  TECHNIQUE 


The  adiabatic  flow  reactor  used  in  the  present  experi¬ 
ments  is  an  evolved  form  of  the  reactors  used  by  Crocco, 
Glassman  and  Smith  (52)  to  study  ethylene  oxide  decomposi¬ 
tion  by  Swigart  (53)  to  study  the  hydrogen/ oxygen  reaction, 
and  by  Eberstein  (39,38)  to  study  the  decomposition  of  hydra¬ 
zine  and  its  methyl  derivatives.  Basically,  the  apparatus 
provides  for  the  study  of  a  reaction  at  temperatures  of  up 
to  1300°K  under  adiabatic  conditions  so  that  the  progress 
of  the  reaction  can  be  monitored  by  the  temperature  change 
through  the  reaction  zone.  By  varying  the  temperature  of 
the  carrier  gas,  flow  velocity,  and  reactant  concentrations, 
one  can  measure  reaction  rates  as  a  function  of  temperature 
and  concentration  to  give  overall  activation  energies  and 
reaction  orders,  and  heats  of  reaction.  Gas  samples  taken 
from  the  flow  reactor  can  be  used  to  establish  or  confirm 
reaction  stoichiometries. 

3.1  THE  FLOW  REACTOR 


While  the  concept  of  the  flow  reactor  is  basically 
simple,  the  equipment  to  insure  the  essential  features 
of  adiabatic  flow  at  high  temperatures,  rapid  mixing  of 
reactant  and  carrier  streams,  the  availability  of  steady 
vapor  phase  reactant  flows,  and  the  remote  handling  of 
explosive  and/or  toxic  reactants  in  relatively  large  quant¬ 
ities  (2  to  3  kilograms)  has  resulted  in  complex  apparatus, 
controls,  and  instrumentation.  The  reactor  itself  is 
merely  a  heated  cylindrical  duct  through  which  flows  a  hot 
carrier  gas,  into  which  the  reactants  have  been  injected. 


3.1.1  Theory 


In  addition  to  elimination  of  heat  transfer  between 
the  reactant  gases  and  the  reactor  wall,  a  key  feature  of 
the  flow  reactor  is  maintenance  of  turbulent  flow  through¬ 
out  the  reaction  zone.  The  turbulent  flow  allows  rapid 
mixing  of  the  reactant  streams,  generally  less  than  5  per 
cent  by  volume,  with  the  hot  carrier  gas  and  the  obtaining 
of  relatively  flat  velocity,  temperature,  and  concentration 
profiles  in  the  radial  direction  therby  producing  a  one 
dimensional  reaction  zone.  By  properly  spreading  the  re¬ 
action  over  the  length  of  the  reactor  duct,  one  can  keep 
logitudinal  gradients  of  temperature  and  concentration  small 
to  insure  that  diffusion  of  heat  and  mass  in  the  logitudinal 
direction  is  negligible. 

The  reaction  rate  may  be  related  to  measurable  quanti¬ 
ties  in  the  following  manner.  The  temperature  rise  of  the 
carrier,  reactant,  and  product  gases  is  related  to  the  con¬ 
sumption  of  reactant  by 


<[A]0  -  IAJ)  q  =  C,  f  total  (T-To) 


E3  (1) 


where 

i A ]  initial  reactant  concentration  (concentration 

of  reactant  not  in  excess  if  a  mixture  of  two 
or  more  reactants  in  non-stoichiometric  pro¬ 
portion  is  used) 

(AJ  local  reactant  concentration 


[32] 


!  -  * 


f  total 

4 

T 

o 

T 

Q 


total  density  (moles/cc) 
mean  specific  heat 
initial  temperature 
local  temperature 
heat  of  reaction 


For  a  perfect  gas  the  above  expression  may  be  written  as 


M.  -[a] 
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E3  (2) 


Since  pressure  is  constant,  the  term  in  parentheses 
is  a  constant  (neglecting  the  change  in  specific  heat 
with  temperature)  and  may  be  expressed  in  terms  of  the 
final  condition,  where  [A  I  =0,  as 


E3  (3) 

The  reaction  rate  can  be  obtained  by  taking  the  time 
derivative  of  equation  E3  (2)  and  substituting  equation 
E3  (3) 


dCA]  r*  *»  ^*^4  cl  r 

dt  =  ~l“  tMt+-t.)  dt 


E3  (4) 
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The  quantities  in  the  above  expression  are  all  measurable. 
The  time  derivative  of  the  temperature  is  related  to  the 
space  derivative  in  the  longitudinal  direction  by  the 
velocity/  v. 


dl  -  il  i*  .  ilv 

cH  dx  dt  dx 

E3  (5) 

For  the  simple  case  of  a  first  order  reaction,  for  Which 
the  reaction  rate  is  expressed  as 


dW 

dt 


the  rate  constant,  k,  is  simply 


E3  (6) 


k-  i  —i _  .sil. 

T  T<- T  dt  E3  (7) 

Determination  of  the  rate  constant  from  the  reaction  rate 
is  more  complex  for  reaction  rates  of  other  orders  and  de 
pendence  upon  more  than  one  specie  concentration,  see 
Section  3.4.1. 

3.1.2  Description  of  the  apparatus 


A  pictorial  drawing  of  the  apparatus  is  presented  in 
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Figure  5.  The  reactor  duct  is  a  cylindrical  tube  of  quartz 
or  stainless  steel,  electrically  heated,  and  with  internal 
diameters  varying  from  5  to  10  centimeters.  A  fuel  is 
injected  into  the  hot  carrier  stream  at  the  throat  of 
a  mixing  nozzle  one  inch  in  diameter.  Oxidizers  are  in¬ 
jected  at  locations  varying  from  immediately  upstream  of 
the  fuel  injection  point  to  upstream  of  the  packed  bed 
heat  exchangers.  Much  of  the  associated  apparatus  is 
required  to  provide  four  separate  gas  flows  and  is  dis¬ 
cussed  according  to  each  gas  flow.  A  more  detailed  de¬ 
scription  of  previously  developed  features  of  the  system 
is  to  be  found  in  Reference  (39) .  Two  photographs  of  the 
apparatus  are  presented  as  Figures  6  and  7. 

3. 1.2.1  Carrier  gas  system 

Nitrogen  or  air  is  used  as  the  carrier  gas,  which  also 
serves  as  the  oxidizer  gas  in  the  case  of  air.  The  carrier 
gas,  which  is  obtained  from  a  2800  psi  source,  is  exception¬ 
ally  dry.  The  carrier  gas  pressure  is  dropped  to  less  than 
2  atmospheres  before  passing  it  through  two  packed  bed 
heat  exchangers  having  a  thermal  output  in  excess  of  50 
kilowatts.  The  oil  fired  beds  are  of  sufficient  thermal 
capacity  to  allow  the  obtaining  of  a  data  run  requiring 
about  one  minute  with  less  than  a  one  degree  K  drop  in  the 
carrier  temperature.  An  oxygen  flow  always  is  used  fol¬ 
lowing  shut-down  of  the  oil  burners  to  insure  removal  of 
any  residual  carbon  from  the  carrier  flow  system.  The 
carrier  gas  and  reaction  products  are  vented  through  a 
roof  stack  to  aid  ir„  the  dissipation  of  toxic  products. 

A  schematic  flow  diagram  of  the  carrier  gas  system  is  pre¬ 
sented  in  Figure  8. 
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3.1  2.2  Oxidizer  system 

When  gaseous  oxidizers  are  used,  bottled  sources  are 
utilized  and  the  gas  is  passed  through  a  critical  flow 
orifice  flow  meter,  or  meters,  if  two  gases  are  used, 
and  thence  injected  into  the  carrier  gas  upstream  of  the 
fuel  injection  point.  Liquid  nitrogen  tetroxide  is  vapor¬ 
ized  in  a  tank,  with  a  capacity  of  about  3  kg,  immersed  in 
a  hot  water  bath.  The  ^O.-NC^  vapor  is  then  superheated 
to  about  200°C  in  an  oil  bath  heat  exchanger  to  effect  com¬ 
plete  conversion  to  nitrogen  dioxide  before  passing  it 
through  a  critical  flow  orifice.  All  lines,  including 
pressure  gage  lines,  are  electrically  heated  to  prevent 
internal  condensation.  The  nitrogen  tetroxide  run  tanks 
are  filled  by  vacuum  transfer  to  prevent  contamination  by 
exposure  to  the  air.  A  schematic  of  the  oxidizer  system 
is  presented  in  Figure  9. 

3. 1.2. 3  Fuel  system 

Gaseous  fuels  are  taken  directly  from  bottled  sources 
and  are  passed  through  a  flow  orifice  into  che  fuel  injection 
manifold.  Consisting  of  four  injection  ports,  evenly  spaced 
about  the  circumference  of  the  mixing  nozzle,  the  fuel  in¬ 
jectors  provide  a  high  flow  velocity  required  for  rapid 
mixing.  Mixing  of  the  fuel  is  obtained  in  a  short  dis¬ 
tance  as  is  indicated  by  the  flow  reactor  temperature  pro¬ 
file  with  nitrogen  as  the  injected  gas.  Figure  10. 

The  handling  of  anhydrous  hydrazine  presents  contin¬ 
uous  and  largely  unresolved  problems.  Approximately  a 
2  kg  quantity  of  liquid  hydrazine  is  placed  in  a  run  tank 
located  in  a  blast  pit  removed  from  the  test  cell.  The 
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liquid  hydrazine  is  transfered  under  100  pounds  pressure 
to  an  oil  hath  evaporator  into  which  it  is  injected  through 
one  to  three  spray  nozzles.  Practically  all  surfaces  and 
lines  in  contact  ’?ith  hydrazine  vapor  are  terlon,  teflon 
coated,  or,  i«  the  case  of  the  injector  manifold,  quartz 
and  glass.  Nitrogen  is  also  injected  into  the  hydrazine 
evaporator  in  an  attempt  to  reduce  explosive  tendencies 
by  dilution  and  to  reduce  the  hydrazine  partial  pressure 
and  therefore  the  temperature  required  to  obtain  fully 
vaporized  or  superheated  hydrazine.  A  nitrogen  dilution 
of  about  5  to  1  by  volume  is  used.  The  evaporator  oil 
bath  is  maintained  at  150°C  giving  a  nitrogen/hydrazine 
flow  at  about  100°C  and  1.5  atm.  The  vapor  transfer  line 
is  also  oil  jacketed  to  maintain  this  flow  temperature  up 
the  injection  point.  The  mixed  hydrazine  plus  nitrogen 
flow  rate  is  metered  by  the  pressure  drop  across  an 
orifice.  Loop- type  detonation  traps  and  a  continuity 
circuit-explosive  valve-water  injection  automatic  shutdown 
system  are  used,  without  complete  success,  to  prevent 
propagation  of  detonations  from  the  manifold  to  the  evapor¬ 
ator.  Provisions  for  remote  purging  of  all  parts  of  the 
hydrazine  system  have  been  made ,  A  simplified  schematic 
of  the  fuel  flow  system  appears  as  Figure  11 „ 

3. 1.2. 4  Diluent  nitrogen  system 

Diluent  nitrogen  is  metered  and  injected  into  the 
hydrazine  evaporator  in  the  hydrazine  experiments.  In 
eke  hydrogen  experiments  it  is  necessary  to  inject  nitrogen 
with  the  hydrogen  to  obtain  satisfactory  mixing.  In  this 
latter  case,  the  nitrogen  is  injected  into  the  hydrogen 
flow  downstream  of  the  hydrogen  flow  meter  .n.g  orifice  as 
is  shown  on  the  fuel  flow  schematic.  Figure  8. 
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3.1.3  Experimental  Variables 
3. 1.3.1  Turbulence  effects 

The  advantages  of  turbulence  in  producing  one  di¬ 
mensional  flow  and  in  speeding  the  mixing  process  have 
been  mentioned  previously.  Glassman  and  Eberstein  (54) 
have  paid  particular  attention  to  the  possible  adverse 
effects  of  turbulence  upon  the  flow  reactor  measurements. 
They  concluded  that  the  turbulence  level  in  the  reactor 
is  such  that  the  chemical  kinetics  measurements  are  not 
affected  by  the  turbulence;  in  particular,  they  demonstrated 
that  the  turbulence  time  scale  is  sufficiently  long  to  in¬ 
sure  attainmen  f  steady  state  kinetics.  That  no  effect 
upon  the  reacts  rate  by  changing  the  flow  velocity,  and 
therefore,  Reynolds  number  and  turbulence  level,  is  ob¬ 
served  in  the  present  experiments  is  consistent  with  the 
conclusions  of  Glassman  and  Eberstein. 

It  also  should  be  noted  that  the  character  of  the 
mixing  process  seems  to  have  little  effect  upon  the  mea¬ 
sured  reaction  rates.  Hydrogen  in  particular  demonstrates 
a  tendency  to  react  in  the  injection  region  before  com¬ 
plete  mixing.  The  reaction  rates  measured  downstream  of 
this  mixing-reaction  region  are  the  same  as  are  measured 
when  careful  attention  is  paid  to  the  obtaining  of  mixing 
before  the  onset  of  any  reaction.  An  important  character¬ 
istic  of  the  turbulent  flow  reactor  seems  to  be  its  insensi¬ 
tivity  to  processes  which  occur  prior  to  the  measured  re¬ 
action,  for  example,  an  onset  of  reaction  in  the  mixing 
zone. 
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3. 1.3. 2  Range  of  experimental  parameters 

The  temperature,  reactant  concentrations,  and  flow 
velocity  are  available  as  experimental  controls  to  be  used 
in  maintaining  a  reaction  zone  spread  out  over  at 
least  half  the  length  of  the  reactor  duct.  If  the  re¬ 
action  takes  place  too  rapidly,  an  excessively  steep 
reaction  profile  is  produced  which  introduces  high  temper¬ 
ature  and  concentration  gradients.  If  the  reaction  takes 
place  too  slowly,  a  final  temperature  cannot  be  identified 
and  the  reaction  rates  cannot  be  calculated.  Note  that 
it  is  necessary  that  the  reaction  "go  to  completion"  only 
in  the  sense  that  a  steady  temperature  is  reached  indicating 
the  completion  of  an  energy  release  p  ress  is  attained; 
not  in  the  sense  that  the  fuel  or  oxidizer  is  oxidized  or 
reduced  fully.  The  reaction  rate,  depending  exponentially 
upon  the  temperature,  is  most  responsive  to  the  tempera¬ 
ture  as  a  coiitrol.  The  maximum  temperature  is  limited 
by  structural  failure  of  the  apparatus  components,  for 
example,  warping  of  the  quartz  duct  which  occurs  at  about 
1300°K.  The  reactant  concentrations  can  be  varied  only 
within  the  limits  that  the  temperature  rise  produced  by 
their  reaction  be  between  about  50  to  200°K.  The  minimum 
flow  velocity  is  limited  by  the  maintenance  of  turbulent 
flow.  The  maximum  flow  velocity  is  limited  by  the  pressure 
at  which  the  packed  bed  heat  exchangers  can  be  operated. 

In  practice,  it  is  possible  to  make  reproducible  rate 
measurements  of  the  first  order  reaction  rate  in  the 
range  of  from  10-1000  (sec'^),  or  over  a  range  of  reaction 
rates  varying  by  a  factor  of  about  one  hundred.  As  a  con¬ 
sequence,  the  widely  different  reaction  rates  of  the  various 
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combinations  which  are  studied,  it  is  not  possible  always 
to  measure  reaction  rates  of  different  reactions  at  the 
same  temperatures.  Since  at  temperatures  in  the  range  of 
1000°K,  the  observed  reaction  rates  roughly  double  with 
every  30  to  40°K  increase  in  temperature  (compared  to 
the  “doubles  every  10°K"  rule  at  room  temperature),  the 
maximum  temperature  range  for  investigation  is  about 
200  K.  More  typically,  temperature  ranges  of  about  100°K 
are  investigated  for  a  given  reaction.  A  summary  of  the 
range  of  experimental  parameters  is  presented  in  the  fol¬ 
lowing  table. 


TABLE  7.  Summary  of  flow  reactor  experimental  parameters 


pressure 

partial  pressure,  reactants 

total  gas  density 

duct  diameter 
duct  length,  overall 
reaction  zone 

temperature 

flow  velocity 

Reynolds  number  (diameter) 

stay  time 
mixing  time 
reaction  time 

thermocouple  probe  traverse 
flow  Mach  number 


1  (atm) 

10-150  (mmHg) 

.9-1.3x10  ^ (moles/cc) 

5-10  (cm) 

115  (cm) 
about  80  (cm) 

800-1300  (°K) 

400-4500  (cm/sec) 
3500-39000 

22-250  (millisec) 

1-20  (millisec) 

8-250  (millisec) 
time  60  (sec) 

less  than  .1 
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3.2  CONTROLS  AND  MEASUREMENTS 


Measurement  of  the  reaction  rates  requires  only  a 
knowledge  of  the  temperature  profile,  local  flow  velocity, 
and  initial  reactant  concentration  (see  equations  E3 (4) 
and  E3{5)).  With  the  exception  of  the  experiments  involv¬ 
ing  hydrazine,  the  uncertainty  in  the  experimental  results 
is  attributable  preponderantly  to  the  temperature  measure¬ 
ments  . 

3.2.1  Flows 


All  flows  are  metered  by  calibrated  orifices,  either 
critical  flow  or  non-critical  flow.  Flow  rates  are  con¬ 
trolled  by  hand  valves,  remotely  operated  in  the  case 
of  the  reactants,  except  for  the  hydrazine  flow  which 
is  "accepted"  rather  than  controlled.  The  hydrazine 
evaporator  is  operated  at  whatever  conditions  are  required 
to  prevent  the  collecting  of  liquid  and/or  exceeding  a 
maximum  evaporator  pressure  of  about  2  atmospheres.  The 
hydrazine  flow,  being  calculated  from  the  difference  of 
the  measured  mixed  flow  of  hydrazine  vapor  and  nitrogen 
and  the  measured  nitrogen  dilution  flow,  is  subject  to 
larger  uncertainties  than  the  other  flows  measured. 

3.2.2  Temperatures 

Temperatures  are  mpnitored,  as  required  for  control 
and  in  the  flow  measurements,  at  a  number  of  locations 
in  and  about  the  flow  reactor.  The  critical  temperature 
measurement,  however,  is  in  the  reactant  zone.  An  uncooled. 
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traversing  probe  one-half  inch  in  diameter  is  employed 
with  an  in  or  out  traverse  time  of  about  60  seconds. 

Since  the  probe  travel  velocity  is  much  less  than  the 
flow  velocity,  rate  measurements- can  be  made  traversing 
either  in  or  out.  A  silica  coated,  .0015  inch  platinum — 
platinum  13%  rhodium  wire  thermocouple  is  used  with  a 
bead  diameter  held  to  less  than  about  .002  (inch).  The 
silica  coating  is  applied  in  a  flame  seeded  with  hexa- 
methyldisilocane  to  prevent  the  catalytic  property  of 
platinum  from  affecting  the  experiments.  Cookson  et  al 
(55)  have  published  the  results  of  a  study  on  identical 
thermocouples  in  hydrogen -air  flames  from  which  they 
conclude  that  silica  is  an  effective  catalysis  inhibitor. 
They  also  report  that  small  diameters,  less  than  about 
.004  (inch),  are  required  to  “reduce  the  effect  of  recom¬ 
bination  in  the  boundary  layer  surrounding  the  thermo¬ 
couple."  The  smaller  diameter  thermocouples  produce  smal¬ 
ler  thermal  gradients  in  the  boundary  layer  (because  the 
probe  temperature  is  closer  to  the  gas  temperature)  and 
thereby  reduce  boundary  layer  recombination.  Sample 
thermocouples  are  calibrated  against  a  National  Bureau 
of  Standards  calibrated  standard  thermocouple. 

A  typical  temperature  profile  without  reaction  was 
presented  as  Figure  10,  and  with  reaction  is  presented 
in  Figure  12.  The  uncertainty  in  the  temperature  pro¬ 
file  measurement  does  not  arise  solely  from  the  measuring 
technique,  but  also  from  the  failure  of  the  flow  reactor 
to  attain  adiabatic  operating  conditions.  Ideally,  if 
the  wall  temperature  were  to  match  the  gas  temperature, 
not  only  would  the  flow  be  truly  adiabatic,  but  addition¬ 
ally  a  much  smaller  potential  for  radiation  heat  transfer 
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between  the  thermocouple  and  its  surroundings  would 
exist.  While  an  estimate  of  this  diabatic  effect  can 
be  made  from  a  gas  temperature  trace  without  reaction 
present,  which  shows  little  heat  transfer  between  wall 
and  gas,  a  thermocouple  instrumented  duct  is  used  to  de¬ 
termine  the  ability  of  the  wall  to  adapt  to  the  gas  temper¬ 
ature  profile.  Times  of  the  order  of  20  to  30  minutes 
sure  found  necessary  for  the  duct  wall  temperature  to  come 
to  a  steady  state  condition.  A  comparison  of  the  wall 
temperature  and  gas  temperature  profiles  is  presented 
in  Figure  13.  While  in  this  particular  case  radiation 
heat  transfer  to  and  from  the  thermocouple  and  diabatic 
effects  are  relatively  unimportant,  such  is  recognized 
not  to  be  the  case  for  many  of  the  experimental  measure¬ 
ments.  At  higher  temperatures  radiation  heat  transfer 
effects  become  greater.  With  some  of  the  reactants,  par¬ 
ticularly  hydrazine,  equilibration  times  of  20  to  30  min¬ 
uets  are  not  available.  As  a  net  result  of  the  uncertainty 
in  the  measured  gas  temperature  and  of  heat  transfer  be¬ 
tween  the  gas  and  the  wall,  the  uncertainty  in  the  cal¬ 
culated  rate  constant  can  be  as  high  as  100%  (see  Appendix 
B)  although  uncertainties  of  less  than  50%  can  be  attained 
in  most  cases.  The  hydrazine  experiments  are  further 
complicated  by  the  high  uncertainty  in  the  measured  hydra¬ 
zine  flow  rates.  Fortunately,  for  a  first  order  dependency 
upon  the  hydrazine  concentration  and  an  excess  of  oxidizer, 
the  reaction  rate  constant  calculation  is  not  dependent 
upon  the  hydrazine  concentration.  Accurate  knowledge 
of  the  hydrazine  flow,  therefore,  is  not  required.  The 
measurement  of  the  heat  of  reaction,  on  the  other  hand, 
depends  directly  on  the  reactant  flow  rate,  and,  therefore, 
does  reflect  unce.  tainties  in  the  measured  flow. 
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3.2.3  Gas  sampling 

Gas  samples  are  taken  from  the  reactor  using  a  water 
cooled  stainless  steel  probe  with  an  expansive  quench 
through  a  .015  (inch)  throat  diameter  nozzle.  Quench 
times  of  less  than  one  millisecond  are  calculated.  Samples 
are  taken  directly  into  glass  bottles,  with  a  sampling 
time  of  about  two  minutes,  and  stored  until  analyzed  by 
one  of  the  techniques  discussed  in  Section  3.5. 

3.2.4  Velocity  profile 

A  direct  determination  of  the  radial  velocity  pro¬ 
file  was  made  at  operating  temperatures  using  a  stagna¬ 
tion  pressure  rake.  The  results  confirm  a  turbulent 
velocity  profile.  A  previous  investigation  of  the  radial 
temperature  variation  (53)  has  shown  a  similar  "flat" 
profile. 

3.3  EXPERIMENTAL  PROCEDURE 


3.3.1  General  techniques 

While  the  procedures  followed  depend  upon. the  par¬ 
ticular  reaction  studied,  certain  standard  techniques 
cure  round  necessary  to  obtain  reproducible  data.  Fol¬ 
lowing  the  establishment  of  a  reaction  in  the  reactor 
duct,  the  reaction  is  maintained  for  20  to  30  minutes 
before  recording  of  experimental  data  to  insure  thermal 
equilibrium.  Within  a  temperature  range,  the  concentration 
of  fuel  and  oxidizer  are  varied  independently. 


3.3.2 


The  combination  of  the  toxic  properties  of  nitrogen 
dioxide  and  nitric  oxide  and  the  explosive  character  of 
hydrazine  demands  strict  adherence  to  safety  procedures. 
The  test  cell  atmosphere  is  monitored  for  nitrogen  di¬ 
oxide  and  personnel  are  not  allowed  in  the  cell  with 
concentrations  in  excess  of  one  part  per  million.  Pro¬ 
tective  clothing ,  checked  for  non-reactivity  with  the 
reactants,  is  worn  when  handling  hydrazine,  nitrogen 
tetroxide,  and  nitric  oxide.  Esso  Humble-Therm  500  is 
used  as  the  heat  transfer  fluid  in  both  the  nitrogen 
tetroxide  and  the  hydrazine  evaporators.  Its  compati¬ 
bility  with  liquid  and  vapor  nitrogen  tetroxide  at  tem¬ 
peratures  of  up  to  200°C  was  checked  to  insure  that  no 
dangerous  reaction  would  occur  should  a  leak  develop 
in  the  oxidizer  system.  Emergency  breathing  apparatus 
is  available  should  the  necessity  of  entering  the  test 
cell  arise  under  conditions  of  a  contaminated  atmosphere. 

e 

Stainless  steel  lines,  fittings,  and  gages  are  used 
throughout  the  oxidizer  system  and  standard  "oxygen- 
clean"  procedures  are  employed  to  condition  the  system 
following  possible  contamination. 

The  ability  to  handle  hydrazine  vapor  without  un- 

o 

predictable  explosions  was  never  attained.  In  addition 
to  the  handling  features  outlined  in  section  3. 1.2. 3, 
a  lengthy  conditioning  of  the  apparatus  is  found  to  be 
mandatory.  Following  the  cleaning  and  assembly  of  all 
parts,  the  hydrazine  system  is  purged  for  several  days 
with  dry  nitrogen.  A  series  of  "fuels"  are  then  run, 
leading  up  to  anhydrous  hydrazine,  in  an  attempt  to  pas¬ 
sivate  the  system.  Generally  the  sequence  used  is:  dis- 
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tilled  water#  monomethyl  hydrazine#  50%  water — 50% 
hydrazine#  25%  water — 75%  hydrazine#  10%  water- -90% 
hydrazine#  anhydrous  hydrazine.  Damage  resulting  from 
the  hydrazine  explosions  generally  precludes  positive 
determination  of  the  cause  of  the  explosions.  In  gen¬ 
eral  the  explosions  are  traced  to  the  vapor  phase  part 
of  the  system.  Handling  procedures  for  nitrogen  tetroxide 
and  hydrazine  are  discussed  in  detail  in  the  following 
references  (56# 57#  7#  58# 40#  59# 60# 61# 62) . 

3.3.3  Reproducibility  of  measured  reaction  rates 

All  of  the  reactions  investigated  were  studied  on 
at  least  two  .‘separate  days,  generally  more#  to  insure 
the  reproducibility  of  the  measured  rates.  Some,  but 
not  all#  of  the  reactions  were  studied  in  different  duct 
sizes  to  determine  possible  wall  effects.  A  total  of 
1768  runs  weie  made,  of  which  approximately  half  repre¬ 
sented  measurable  reactions,  and  resulted  in  about  5000 
data  points.  An  important  feature  of  the  flow  reactor 
technique  is  the  attendant  ability  to  produce  a  large 
quntity  of  valid  experimental  data. 

3.4  DATA  REDUCTION  AND  ANALYSIS 


Because  of  the  quantity  of  experimental  data# 
computer  reduction  and  analysis  is  mandatory.  Repeti¬ 
tion  of  experimental  points  provides  additional  statisti¬ 
cal  advantages  in  determining  the  reaction  rate  parameters. 
A  summary,  rather  than  a  detailed  accounting  and  explan¬ 
ation  of  the  relations  used  in  the  data  reduction  and 
analysis,  is  presented  in  the  following  sections.  The 
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details  of  the  data  reduction  and  analysis  are  available 
in  Appendix  C  in  compact  but  complete  form  as  listings 
of  the  FORTRAN  statements  of  the  computer  programs  em¬ 
ployed. 

3.4.1  Preliminary  calculations 

The  basic  technique  for  determining  the  reaction 
rate  was  developed  in  Section  3.1.1.  The  measurements 
required  to  establish  the  reactor  flows  (pressures,  pres¬ 
sure  drops  across  orifices,  temperatures)  are  recorded 
by  hand  during  each  run  or  probe  traverse.  This  infor¬ 
mation  is  then  transfered  to  punched  cards  and  converted 
through  application  of  the  appropriate  calibrations  and 
corrections,  to  flow  rates,  concentrations,  mole  fractions, 
equivalence  and  reaction  ratios,  and  flow  velocity.  The 
temperature  profile  similarly  is  read  "by  hand"  from  the 
strip  chart  record  in  terms  of  millivolts  of  thermocouple 
output  and  slopes.  This  information  is  then  card  punched 
and  converted  to  temperatures  and  temperature-time  gradients 
with  application  of  corrections  for  changes  in  flow  velocity 
through  the  reaction  zone  due  to  temperature  change  and 
possible  net  change  in  total  volume  in  going  from  reactants 
to  products . 

The  equivalence  ratio,  0,  used  throughout  is  that  de¬ 
fined  by  the  fuel  to  oxidizer  ratio  divided  by  the  fuel 
to  oxidizer  ratio  corresponding  to  that  stoichiometry 
for  which  the  fuel  and  oxidizer  are  oxidized  and  reduced, 
respectively,  to  their  standard  valency  states. 


standard  stoichiometry 
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For  reactions  Which  ordinarily  proceed  to  a  state  other 
than  the  standard  state,  a  second  ratio,  which  herein 
is  termed  the  "reaction  ratio,"  £  ,  is  useful.  De¬ 

finition  of  this  ratio  requires  reference  to  a  particular 
reaction  (as  does  also  definition  of  the  equivalence  ratio). 
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reaction  stoichiometry 


For  example,  hydrcgen  and  nitrogen  dioxide  have  a  standard 
stoichiometry  of 

4H2  +  2N02  4H20  +  N2  R3  (1) 

while  under  the  conditions  of  the  present  experiments 
these  same  reactants  exhibit  a  reaction  stoichiometry 


H2  +  N02 


H20  +  NO 


R3  (2) 


(57] 
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An  equivalence  ratio  of  0  =  1  therefore  implies  a  hydrogen 
to  nitrogen  dioxide  ratio  of  2,  while  a  reaction  ratio 
of  |=1#  where  the  reaction  is  understood  to  be  accord¬ 
ing  to  R3{2),  implies  a  hydrogen  to  nitrogen  dioxide 
(molar)  ratio  of  1.  The  nec  *sity  of  distinguishing 
between  these  two  cases  arises  from  definition  of  what 
is  meant  by  "fuel  rich"  and  "oxidizer  rich".  If  fuel 
rich  is  to  mean  that  additional  fuel  will  go  unreacted, 
then  the  appropriate  description  is  ^>1,  not  >  1. 

3.4.2  Calculation  of  the  rate  constant 


The  relation  for  determining  the  -ate  constant  from 
the  reactor  temperature  profile  for  a  rirst  order  reaction 
depending  on  a  single  specie  only,  that  is,  one  for  which 
the  rate  is  given  by 


d[A] 

dt 


-  k.fA] 


E3  (8) 


was  shown  by  Crocco,  Glassman  and  Smith  (52)  to  be 


1  TV  d_T 

T*  -T  T  dt 


E3  (9) 
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where : 


concentration  of  reactant  A  (moles/cc) 
first  order  rate  constant  (sec 


local  temperature  (°K) 

initial  temperature  (°K) 

final  temperature  (°K) 

time  (sec) 


Eberstein  (39)  extended  the  rate  constant  relation,  E3(9), 
to  a  nth-order  reaction  depending  on  a  single  specie  only, 
that  is,  one  for  which  the  rate  is  given  by 


dCA] 

dt 


and  showed  that 


E3  (10) 


k 


n 


where: 


J.  /  I  )nT<  Jr 

?.<+%)  t  (  t,-tJ  t  dt 


E3  (11) 


Q  heat  of  reaction  (cal/mole) 

$  molar  density  (mole/cc) 

Cp  molar  specific  heat 
constant  pressure 

reaction  order 


n 


(cal/mole  °K) 
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For  reactions  involving  more  than  one  reactant 
and  with  rate  dependencies  involving  products  and  pos¬ 
sibly  inerts  in  addition  to  reactants,  a  more  general 
relation  is  required. 

di  E3  (12) 

or,  more  compactly 


^  -  -k  IT  [Ail 

dt 


E3  (13) 


It  is  understood  that  specie  A^  is  chosen  so  that  its  dis¬ 
appearance  is  a  measure  of  the  reaction  rate.  Generally 
A^  is  one  of  the  reactants.  Particularly,  since  the  re¬ 
actions  studied  involve  two  reactants,  the  following 
convention  is  used  throughout.  A^  refers  to  the  re¬ 
ducing  reactant  and  A2  to  the  oxidizing  reactant,  or,  as 
is  common  to  the  rocket  propulsion  and  combustion  fields, 
the  "fuel"  and  "oxidizer",  respectively.  A^,  A^,  and  so 
forth  refer  to  other  species,  the  presence  of  which  may 
affect  the  reaction  rate.  Note  also  that 


-  (constant) 

dt 


dCAyj 

dt 


E3  (14) 
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The  dimensions  of  the  rate  constant,  k,  are 

m 

-i+ 

its  I 

)  ^ 

The  rate  constant  thus  depends  not  only  on  the  reaction 
rate  but  also  on  the  form  of  the  rate  equation  E3(13), 
hence 


E3  (15) 


The  details  of  the  derivation  of  the  relation  for 
determining  the  rate  constant  from  the  temperature  pro¬ 
file  and  justification  of  the  necessary  simplifying  as¬ 
sumptions  are  presented  in  Appendix  B.  The  general  form 
of  the  expression  for  determining  the  rate  constant  is 


| 

f 


il 

at 


E3  (16) 


where : 


mole  fraction  of  specie  A^ 


Sggqg* 
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Specie  must  be  chosen  so  that  the  condition  of  a  com¬ 
pleted  reaction  is  described  by  x^  =  0.  For  the  case 
of  a  binary  reaction  this  implies  an  excess  of  specie 
over  that  required  for  the  reaction  stoichiometry,  or, 
in  other  terms,  "oxidizer  rich, "  or,  the  reaction  ratio, 
|  ^  1.  For  the  "fuil  rich"  case,  ie.  ^  1,  a  new 

expression  for  the  rate  constant  is  required.  Such  an 
expression  is  obtained  by  exchanging  the  subscripts  "1" 
and  "2"  in  Equation  E3(16)  to  give 


m 

? 
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\ 

T4-r 


dT 

dt 


E3  (17) 


Equations  E3(16)  and  E3(17)  reduce  to  the  first 
order,  single  specie  dependency  Equation  E3  (9)  upon 
substitution  of  n^  =  1  and  n^  =  n^...^^  =  0.  Similarly, 
they  reduce  to  the  nth-order,  single  specie  dependency 
equation  E3(ll)  upon  substitution  of 


n  i  —  o  .j  ^  •  =  —  o 


K,:X 
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The  assumptions  implicit  in  the  general  reaction  rate 
constant  equations  are: 

(1)  one  dimensional  (radially  uniform  properties, 
composition,  and  flow  parameters) 

(2)  adiabatic 

(3)  no  longitudinal  diffusion  of  heat  or  mass 

(4)  perfect  gas  equation  of  state 

(5)  constant  pressure 

(6)  reaction  rate  (or  energy  release  rate)  is  pro¬ 
portional  to  the  temperature  rise  (that  is,  con 
stant  specific  heat) 

In  addition  to  measuring  the  temperature  profile, 
flow  velocity,  and  initial  reactant  concentrations,  de¬ 
termination  of  the  rate  constant  requires  knowledge  of 
the  reaction  stoichiometry  and  of  the  reaction  orders 
with  respect  to  each  relevant  specie.  Determination  of 
the  reaction  stoichiometry  is  based  on  the  measured  heat 
of  reaction,  variation  of  the  flow  stream  temperature  rise 
with  reactant  ratio,  measured  product  composition  (where 
available),  and  the  work  of  other  investigators.  Deter¬ 
mination  of  the  reaction  orders,  n^,  is  discussed  in  the 
following  section. 

3.4.3  Determination  of  reaction  orders 

Before  the  rate  constant,  k,  can  be  calculated, 
the  reaction  orders,  n^,  appearing  in  the  general  rate 
equation  introduced  in  the  previous  section 
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E3  (18) 


must  be  determined.  Several  experimental  and  analytic 
approaches  are  available.  The  direct  approach  of  holding 
all  parameters  constant  except  for  the  concentration  of 
the  specie  A^  and  noting  the  change  of  the  reaction  rate 
with  changing  concentration  of  A^  is  the  best  technique 
for  determining  the  reaction  orders.  Unfortunately  since 
concentrations  and  temperatures  change  during  a  given  run, 
it  is  difficult  to  obtain  data  for  which  all  parameters 
except  for  one  concentration  are  constant.  Where  possible, 
experiments  were  run  with  one  reactant  in  large  excess 
so  that  its  concetration  would  change  little  during  reaction. 
By  then  selecting  reaction  rates  at  a  given  temperature, 
sufficient  data  generally  can  be  obtained  to  allow  the 
Fitting  of  rates  versus  concentrations  on  log-log  plots 
from  which  the  slope  is  the  reaction  order. 


log  -rr^=  -log  k  +  log  [Ad 

at 


E3  (19) 

Where  such  data  cannot  be  obtained,  two  other  approaches 
cure  available.  If  the  orders  with  respect  to  all  but  one 
specie  are  known,  then  the  effect  of  variations  in  these 
concentrations  on  the  rate  can  be  accounted  for  and  the 
order  with  respect  to  the  concentration  of  the  specie 
of  interest  determined  as  above. 
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The  statistical  analysis  of  the  rate  constants  pro¬ 
vides  yet  another  technique.  By  assuming  various  reaction 
orders,  calculating  the  corresponding  rate  constan  ts, 
and  statistically  determining  which  set  best  fits  an 
Arrhenius  type  rate  expression,  one  may  determine  the  "best" 
reaction  order.  Some  care  must  be  used  in  this  approach 
as  there  is  a  bias  resulting  from  the  experimental  un¬ 
certainty  in  the  temperature  measurements.  The  uncertainty 
in  the  reaction  rate  is  least  for  an  overall  reaction  order, 
5.  n^  «  O.  As  the  overall  reaction  order  departs  from 
this  value,  the  uncertainty  in  the  temperature,  T^  -  T, 
is  reflected  more  strongly  in  the  resulting  uncertainty 
in  the  rate  constant,  k  (see  equation  E3  (16)  and  Appendix  B) . 
This  technique  is  biased,  therefore,  in  favor  of  an  over¬ 
all  reaction  order  of  zero. 

Several  other  "clues"  are  available  to  confirm  the 
selection  of  the  proper  reaction  orders.  Since  the  con¬ 
centrations  of  the  reactants  (and  products)  change  through 
the  reaction  zone,  the  selection  of  a  wrong  reaction  order 
will  produce  apparent  diagreement  between  the  temperature 
dependence  of  the  rate  constant  for  a  single  run  and 
the  temperature  dependence  of  the  rate  constant  as  averaged 
for  a  number  of  runs  with  different  initial  conditions. 

The  feature  of  higher  apparent  activation  energy  for 
individual  runs  than  for  a  number  of  runs  taken  together, 
is  reported  by  Eberstein  (39).  He  attributes  the  effect 
to  heat  transfer  losses.  The  present  investigations  con¬ 
firm  that  heat  transfer  losses  can  produce  such  an  effect 
and  therefore  indicate  the  necessity  of  attaining  thermal 
equilibrium  prior  to  measuring  reaction  rates.  The  se¬ 
lection  of  ir  orrect  reaction  orders  has  a  similar  effect 
and  can  result  in  single  run  apparent  activation  energies 
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which  are  either  greater  or  less  than  the  activation 
energy  obtained  from  rate  data  representing  a  number  of 
runs.  Careful  attention  to  the  attainment  of  thermal 
equilibrium  and  the  selection  of  the  proper  reaction 
orders  generally  results  in  agreement  between  activation 
energies  as  calculated  for  single  runs  and  as  calculated 
for  a  number  or  runs.  Selection  of  a  wrong  reaction 
order  is  often  immediately  recognizable  in  terms  of  the 
large  scatter  which  results  in  the  rate  constants  as 
plotted  as  a  function  of  the  reciprocal  temperature. 

One  also  should  note  that  the  choice  of  the  reaction 
order  has  a  strong  effect  on  the  calculated  overall 
activation  energy,  ie.,  dependence  of  the  r ate  constant 
upon  temperature.  For  this  reason,  care  is  necessary  in 
the  interpretation  of  differences  of  activation  energies 
of  reactions  with  different  orders. 

3.4.4  Enth  -vlpies  of  reaction 

The  enthalpies  of  reaction  generally  are  calculated 
simply  on  the  basis  of  the  flow  rates,  temperature  rise, 
and  a  mean  specific  heat.  Where  justified,  the  variation 
of  specific  heat  with  temperature  and  composition  is  con¬ 
sidered.  In  general,  no  correction  is  applied  to  reduce 
the  enthalpy  of  reaction  measured  at  a  high  temperature  to 
an  enthalpy  of  reaction  at  standard  temperature.  This  ef¬ 
fect  is  small  compared  to  the  uncertainty  in  the  measured 
value.  Because  of  the  difficulty  in  identifying  the  initial 
temperature  in  many  of  the  runs,  the  flow  reactor  is  not  an 
accurate  device  for  measuring  reaction  enthalpies.  Thermo¬ 
dynamic  data,  as  required,  is  taken  from  the  JANAF  tables  (11). 

3.4.5  Statistical  analysis  of  experimental  data 

The  calculated  rate  constant  data  are  analyzed 
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statistically  for  their  mean  variation  from  a  least  squares 
fit  to  a  straight  line  representing  the  logarithm  of  the 
rate  constant  as  a  function  of  the  reciprocal  of  the 
absolute  temperature.  This  is  in  accordance  with  an 
Arrhenius  type  rate  expression 


k  =  10A  exp  (-E/RT)  E3(20) 

from  which 

K°k  =  A“(l^o^7  E3(21> 

The  use  of  a  temperature  dependent  preexponential  factor 
is  neither  justified  nor  necessary  to  correlate  the  experi¬ 
mental  results.  The  range  of  temperatures  studied  and 
the  experimental  uncertainties  are  not  consistent  with 
such  a  refinement.  Standard  deviations  of  the  preexponential 
factor  exponent.  A,  and  the  overall  activation  energy,  E, 
are  calculated  according  to  standard  techniques  of  the 
statistics  of  linear  relations,  eg.,  Nalimov  (63). 

3 . 5  ANALYSIS  OF  GAS  SAMPLES 


Ideally,  the  reactor  gases  should  be  sampled  and 
analyzed  in  a  fashion  which  would  give  quantitative  identi¬ 
fication  of  the  species  present  at  the  reaction  conditions. 
The  difficulty  cf  accomplishing  this  arises  from  the  basic 
problem  of  maintaining  the  sample  composition  upon  removing 
it  from  the  high  temperature  reactor.  While  a  sampling 
probe  was  designed  and  is  used  which  gives  rapid  quenching 
of  possible  high  temperature  reactions,  the  problem  of 
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preventing  low  temperature  reactions  until  the  gas 
can  be  analyzed  remains  unsolved.  Reaction  products 
which  condense  at  room  temperature /  for  example  water, 
also  will  be  lost  or  reduced  in  concentration.  Three 
different  techniques  are  employed  in  the  gas  analysis 
and  are  deiscussed  below. 

3.5.1  Gas  chromatography 

A  Beckman  GC-1  Gas  Chromatograph  is  used  with  a 
Linde  molecular  sieve  column.  Because  of  the  low  con¬ 
centration  and  high  reactivity  of  many  of  the  product 
gases,  the  only  identifiable  species  are  nitrogen,  oxygen, 
and  hydrogen.  Of  these  nitrogen  is  the  carrier  gas  and 
its  presence  as  a  reaction  product  is,  therefore,  not  dis¬ 
cernible.  Oxygen  and  hydrogen  are  detected  only  as  re¬ 
actants  when  they  are  present  in  concentrations  in  ex¬ 
cess  of  their  stoichiometric  values.  Oxygen  and  hydrogen 
are  not  detected  as  possible  reaction  products,  as  might 
be  expected  in  the  reaction  of  ammonia  and  nitrogen  di¬ 
oxide. 


3.5.2  Infrared  spectroscopy 

An  infrared  spectrometer  is  much  more  useful  in  the 
identification  of  reaction  products.  Two  different  models 
are  used,  a  Perkin  Elmer  Model  21  and  a  Perkin  Elmer  Model 
237B,  both  grating  spectrophotometers.  A  ten  centimeter, 
single  pass  cell  with  sodium  chloride  windows  is  employed. 
A  problem  of  the  reactivity  of  nitrogen  dioxide  and  the 
sodium  chloride  windows  is  encountered  as  is  evident  in 
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in  the  spectra  showing  nitroslychloride  and  sodium  nitrate. 
This  difficulty  also  is  reported  by  Piers:  n,  Fletcher, 
and  Gantz  (64).  Species  such  as  N02,  NO,  N^O^,  NH?,N20 
are  found  to  be  identifiable.  Not  all  are  found  as  re¬ 
action  products,  but  some,  rather,  in  reactant  samples. 
Unfortunately  nitric  oxide  is  only  weakly  absorbing,  as 
is  expected  from  its  near  homo-polar  character,  and  is 
difficult  to  detect  at  low  concentrations.  Some  typical 
infrared  spectra  of  the  product  gas  samples  are  presented 
in  Appendix  D. 

3.5.3  Mass  spectroscopy 

A  small  number  of  gas  samples  taken  from  the  reactor 

were  analyzed  using  a  CEC  21-130  cyclodial  focusing  mass 

spectrometer.  The  operating  conditions  were  about  78 

-7 

volts  ionizing  potential  and  10  mmHg  pressure.  Gaseous 
species  present  in  concentrations  down  to  about  5  parts 
per  million  or  .0005%  were  detectable. 

3.6  REACTANTS  AND  CARRIER  GASES 


In  all  cases  the  reactants  studied  are  used  as 
received  from  the  manufacturere  without  purification. 
The  manuf acturers '  specifications  for  the  reactants  are 
summarized  below 

impurities 
.1%  h2o 

.08%  Cl  as  NO CL 
.01%  ash 


material 


N2°4 


supplier 


Allied  Chemical 


minimum 

purity 

99.5% 
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material  supplier  minimum  impurities 

purity 


NO 

Matheson 

99.0% 

C02 

N.O 

2 

NH 

Matheson 

99.99% 

H2° 

H2 

General  Dynamics 

99.8 

h2o. 

o2,  co2 

Matheson 

99.95 

N2 

Air  Products 

99.95 

(liquid) 

air 

local  supply,  high 

pressure,  dried 

N2H4 

01  in,  technical 

97  % 

h2o. 

NH^,  aniline 

anhydrous 

o. 

Matheson 

99.6 

Ar 

In  addition  to  the  difficulty  of  undertaking  the 
purification  of  the  relatively  large  quantities  of  gases 
and  liquids  used,  most  of  the  impurities  present  are 
either  in  such  small  quantities  as  to  be  negligible  or 
would  not  be  expected  to  have  a  noticeable  effect  upon 
the  measurements.  The  fact  that  the  rate  measurements 
are  always  made  under  conditions  wherein  substantial 
quantities  of  the  product  gases  are  present,  renders 
the  presence  of  small  quantities  of  such  impurities 
as  water  unimportant.  Water  is  a  major  reaction  pro¬ 
duct  in  all  of  the  reactions  studied. 


3 . 7  MASS  SPECTROSCOPIC  FLAME  STUDY 


A  study  of  a  premixed  hydrogen/nitrogen  tetroxide 
flame  was  conducted  by  the  author  using  apparatus  at 
the  Air  Force  Rocket  Propulsion  Laboratory,  Edwards  AFB, 
California.  A  premixed  gas  flame  was  obtained  using 
a  National  No.  5  blowpipe  in  air  and  a  flow  system 
presented  schematically  in  Figure  14.  The  water  cooled 
sampling  probe  was  positioned  approximately  in  the  center 
of  the  flame  cone  and  samples  taken  for  flows  with  excess 
hydrogen  and  with  excess  nitrogen  dioxide.  A  photograph 
of  the  burner  and  sampling  probe  is  presented  as  Figure  15. 

The  gas  sample  was  ionized  in  a  commercial  Knudsen  Cell 
operated  at  a  potential  of  70  electron  volts.  A  Eendix 
time  of  flight  mass  spectrometer  was  operated  at  pressures 
less  than  10  5  millimeters  of  mercury.  A  detailed  description 
of  the  system  is  to  be  found  in  Reference  (65). 
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CHAPTER  4  HYDROGEN  REACTIONS 

Hydrogen  is  a  major  constituent  of  the  decomposition 
products  of  hydrazine.  The  reaction  of  hydrogen  with 
nitrogen  dioxide  and  the  products  of  nitrogen  dioxide 
decomposition  is  therefore  of  interest.  By  determining 
the  character  of  the  reaction  of  hydrogen  with  nitrogen 
dioxide,  oxygen,  decomposed  nitrogen  dioxide,  nitric 
oxide,  and  oxygen  plus  varying  amounts  of  nitric  oxide, 
an  increased  understanding  of  the  effect  of  nitrogen 
dioxide  decomposition  on  its  subsequent  reaction  with 
hydrogen,  and,  therefore,  with  decomposed  hydrazine,  has 
been  obtained.  For  each  reaction,  experimental  evidence 
has  been  secured  to  determine  the  stoichiometries, 
reaction  rate  orders,  and  reaction  rates.  From  the 
study  of  the  reactions  of  hydrogen  'and  similar  inves¬ 
tigations  of  the.  reactions  of  ammonia,  ammonia  and 
hydrogen,  and  hydrazine,  reported  in  the  following 
three  chapters,  a  thorough  picture  of  the  hydrazine/ 
nitrogen  dioxide  reaction  may  be  drawn. 

4.1  HYDROGSN/NITROGEN  DIOXIDE 

The  reaction  of  hydrogen  and  nitrogen  dioxide  was 
studied  experimentally  using  two  techniques:  adiabatic 
flow  reactor  reaction  rate  measurements  and  a  mass 
spectroscopic  investigation  of  a  premixed  flame. 

4.1.1  Stoichiometry 

The  stoichiometry  of  the  overall  reaction  occurring 
in  the  two  experiments  is  different  as  a  result  of  the 


5 
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difference  in  reaction  temperatures.  In  the  flow  reactor, 
where  reactions  are  studied  at  about  1000°K,  the  reaction 
involves  the  reduction  of  the  nitrogen  di.c;.ide  only  to 
nitric  oxide, 

H2  +  N02  — ►  H20  +  NO  R4(l) 

Evidence  that  such  is  the  case  is  found  in  the  detection 
of  nitric  oxide  in  the  infrared  absorption  spectra  and 
mass  spectra  of  the  product  gases.  Additionally,  the 
heat  of  reaction  is  measured  to  be  45  [kcal/mole  H2J 
which  is  in  good  agreement  w±h  the  calculated  value 
of  44.13  [kcal/mole  H2J  for  the  above  reaction.  Even  a 
ten  per  cent  consumption  of  NO  would  give  an  8  [kcal/ 
mole  H2 ]  increase  in  the  heat  of  reaction  which  could 
be  detected  readily. 

In  the  flame  studies,  however,  where  the  temperature 
approaches  the  adiabatic  flame  temperature  of  2660°K, 
no  nitric  oxide  is  detectable  in  the  products  of  the 
hydrogen  rich  flame,  indicating  that  the  overall 
stoichiometry  is  approximately 

h2  +  ^no2  -h*  h2o  +  kn2  R4 (2) 

4.1.2  Experimental  results,  adiabatic  flow  reactor 

Determination  of  the  reaction  orders  is  difficult 
because  of  the  large  number  of  experimental  parameters 
affecting  the  rate.  Rosser  and  Wise  (66,  67,  68)  and 
Ashmore  and  Levitt  (69,70)  found  the  reaction  rate  to 
depend  on  the  hydrogen  concentration,  nitrogen  dioxide 
concentration,  and  sum  of  nitrogen  dioxide  an:'  nitric 
oxide  concentration.  These  investigators  found  nitrogen 
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dioxide  to  be  both  a  reactant  with  hydrogen  and  an  inhibitor 
to  the  reaction  of  hydrogen.  Nitric  oxide  was  found  to 
inhibit  the  reaction.  In  the  present  experiments, 
tanperature  also  must  be  added  as  an  experimental  para¬ 
meter.  The  problem  of  isolating  each  of  these  effects 
is  approached  in  the  following  manner.  In  each  case 
rates  are  selected  (from  the  rate  as  a  function  of 
temperature)  at  a  single  tanperature.  The  rate  depen¬ 
dence  upon  the  hydrogen  concentration  is  obtained  by 
holding  the  initial  concentration  of  nitrogen  dioxide 
constant.  This  procedure  gives  a  constant  concentration 
of  nitrogen  dioxide  plus  nitric  oxide  through  the  reaction 
zone.  It  is  necessary  also  to  assume  that  the  rate 
"’spendence  upon  the  nitrogm  dioxide  concentration  is 
first  order  as  -is  reported  by  both  groups  of  investigators 
mentioned  above.  This  technique  gives  a  hydrogen  depen¬ 
dence,  a  =  1.4,  see  Figure  16.  It  is  not  possible, 
using  nitrogen  dioxide,  to  separate  adequately  the  rate 
dependencies  on  local  N02  and  initial  NC>2  concentrations. 

By  assuming  one  dependency,  however,  the  other  could 
be  determined,  but  this  approach  at  best  can  give  only 
a  qualitative  check  on  the  rate  orders.  The  dependency 
upon  the  initial  nitrogen  dioxide  concentration  (or 
sum  of  local  nitrogen  dioxide  and  nitric  oxide  concen¬ 
trations)  is  found  to  be  c  =  -0.8  and  the  dependency 
upon  local  nitrogen  dioxide  concentration,  b  =  1.0  . 

The  reaction  orders  are  summarized  below. 
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HYDROGEN  /  NITROGEN  DIOXIDE  REACTION  RATES 
T  =  IOOO  •  K,  DEPENDENCE  ON  HYDROGEN  CONCENTRATION 


FIGURE  16 
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“1 


a 

b 

c 

Rosser  and  Wise 

1.4 

1.0 

-1.0 

Ashmore  and  Levitt 

1.5 

1.0 

-1.0 

present  investigation 

1.4 

1.0 

-0.8 

Reaction  rates  were  measured  in  2  and  4  [inch] 
quartz  ducts  over  the  temperature  range  850  ^  T  i  1210°K 
and  equivalence  ratio  range  0.33  ^  <  5.5,  or  a 

reaction  ratio  range  of  0.66  ^  |  £  11.0  .  Reaction 
rate  constants  are  calculated  from  the  experimentally 
measured  reaction  rates  using  the  following  dependency. 

“[NO,]'  °  ([NO,]  +  [NO])’1'0 
dt 

The  order  c  =-l  is  selected,  rather  than  the  observed 
c  =  -0.8,  to  facilitate  comparison  with  the  results  of 
other  investigators.  The  rate  constant,  k,  is  the 
Arrhenius  rate  constant  which  is  used  throughout  this 
thesis  in  its  simplest  form  to  characterize  the 
temperature  dependence  of  the  reaction  rates. 

k  =  10Aexp  (-E/RT) 

Plots  of  the  logarithms  of  the  experimental  rate  consants 
are  presented  as  a  function  of  1/T  in  Figures  50 
and  51*  for  the  2  and  4  [inch]  ducts  respectively. 


^  *Graphical  presentation  of  the  experimental  rate  data  in 

terms  of  calculated  rate  constants  is  made  in  Appendix  A 
for  all  of  the  reactions  studied.  Information  summarizing 
the  experimental  parameters  and  the  least  squares  curve 
fits  to  these  rate  constants  also  are  presented  in 
Appendix  A.  The  rate  equations  and  Arrhenius  parameters 
selected  as  best  representing  each  reaction  studied  are 
summarized  in  the  main  text.  Figure  numbers  greater  than 
50  refer  to  figures  located  in  the  appendices. 
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Experinental  parameters,  the  Arrhenius  parameters,  A  and 
E,  and  the  uncertainties  in  A  and  E  are  summarized  in 
Table  23 .  The  overall  activation  energies  measured 
in  the  two  ducts  are  approximately  the  same,  48.0  and 
46.2  [kcal/mole]  for  the  2  and  4  [inch]  ducts;  the  rates, 
however,  are  slightly  higher  in  the  small  *.r  duct.  The 
differences  are  attributed  to  a  wall  effect  which  is 
discussed  in  the  following  section  on  the  hydrogen/ 
oxygen  reation.  The  rate  constant  for  the  hydrogen/ 
nitrogen  dioxide  reaction  is  selected  to  be  that 
measured  in  the  4  [inch]  duct, 

k  =  1014,26exp(-46200/RT)  [  (moles/ccj^^sec”1] 

4.1.3  Experimental  results,  flame  studies 

A  premixed  hydrogen/nitrogen  dioxide  flame  was 
studied  using  a  time  of  flight  mass  spectrometer  to 
identify  species  p  ’sent  in  samples  taken  directly 
from  the  flame,  'inree  series  of  samples,  air,  hydrogen 
rich  flame,  and  nitrogen  dioxide  rich  flame,  were  taken 
and  chracteristic  mass  spectra  obtained,  see  Figures  17, 
18,  and  19. 

In  the  air  sample,  identifiable  peaks  occur  at 
mass  numbers  J4  16,  17,  18,  28,  29,  32,  40,  and  44  which 
are  consistent  with  the  species  N2,  02,  H20,  Ar,  and  CC>2, 
all  normally  constituents  of  air. 

The  mass  spectra  for  the  hydrogen  rich  flame  is 
characterized  by  a  strong  water  peak.  No  nitric  oxide 
or  nitrogen  dioxide  is  present  indicating  that  the 

♦Tables  beginning  with  Table  23  are  found  in  the 
appendices . 
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MASS  SPECTROGRAPH,  H2/N02  FLAME 
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nitrogen  dioxide  is  completely  consummed.  Since  the 
experiment  is  conducted  in  air,  the  oxygen  peak  is 
probably  largely  attributable  to  diffusion  of  air  into 
the  flame.  The  presence  of  hykrogen  atoms  and  molecules 
is  indicated  (not  shown  in  the  figure).  The  possible 
presence  of  OH  radicals  is  masked  by  the  water  cracking 
pattern.  While  the  presence  of  0  radicals  is  similarly 
hidden  by  the  water  and  oxygen  cracking  patterns,  the 
mass  number  16  peak  height  is  somewhat  proportionately 
greater  than  would  be  expected  from  the  water  and  oxygen 
alone  and,  therefore,  the  presence  of  0  atoms  probably 
is  indicated. 

In  the  nitrogen  dioxide  rich  flame  na  ss  spectra,  the 

strong  presence  of  nitric  oxide,  mass  number  30,  is  noted. 

The  continued  absence  of  nitrogen  dioxide,  mass  number 

46,  confirms  that  the  reduction  of  nitrogen  dioxide 

always  proceeds  through  NO,  either  by  direct  reaction 

or  by  dissociation.  Once  again  the  presence  of  hydrogen 

atoms  is  established.  The  height  of  the  mass  number 

15 

31  peak  is  greater  than  would  be  expected  from  N  O  and 
is  to  be  attributed  to  HNO.  Another  possibility  would 
be  ^2^3  kut  is  is  not  reasonable  that  such  a  specie 
could  form  in  the  hydrogai /nitrogen  dioxide  reaction. 

Also  significant  is  the  absence  of  any  peaks  corresponding 
to  HN02  or  HN03. 

4.1.4  Results  of  other  investigators 

Rosser  and  Wise  (£7,68)  have  measured  the  hydrogen/ 
nitrogen  dioxide  reaction  rate  between  600  and  700°K  in 
a  closed  vessel  using  a  technique  of  determining  the 
nitrogen  dioxide  disappearance  by  change  in  light  absorption. 
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They  conclude  that  the  reaction  follows  the  stoichiometry 
H2  +  N02  — ►  H20  +  NO  R4(3) 

and  report  the  disappearance  of  N02  to  be  given  by 

-k[h,],  <,[kio1]([U0x]  +[nc])  ' 

dt 

where  the  rate  constant,  k,  has  the  form 

k  =  XO14*2  exp  (-46000/RT)  [  (moles/ccj'^sec"1] 

Ashmore  and  Levitt  (69,70)  used  a  similar  technique 
to  investigate  this  reaction  in  the  temperature  range  of 
640  to  700°K  and  also  conclude  that  the  stoichiometry  is 
as  given  by  R4(3).  They  find  a  similar  rate  dependence, 

=  -k,[«,],S[rto,]  ([NO]  +  k,[M0»]T' 

and  the  rate  constant 

k^  =  10^4*®  exp  (-43000/RT)  [  (moles/cc)  *^sec~^ 

The  present  results,  for  temperatures  of  850  to 
1110°K,  are  in  surprisingly  good  agreement  with  rates 
measured  at  much  lower  temperatures  by  Rosser  and  Wise. 

A  comparison  of  these  rates,  Figure  20,  shows  a  good 
correlation  over  eight  orders  of  magnitude  in  the  rate 
con stent. 


4  [IN]  DUCT 


,  , -.14.26  -46200/ RT 

k  =  10  e 


ROSSER  a  WISE 

.  .  —  1 4*2  -46000/RT 

k  =  !0  e 
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The  low  flame  temperature,  1550°K,  obtained  by 
Wolfhard  and  Parker  (71)  in  their  hydrogen/nitrogen 
dioxide  flame  studies,  indicates  that  the  reaction  is 
incomplete,  probably  with  N02  being  reduced  only  to  NO. 
The  difference  from  the  present  flame  study  may  be 
attributed  to  the  lower  pressure  at  which  Wolfhard  and 
Parker  conducted  their  experiments. 

4.1.5  Reaction  mechanism 


Rosser  and  Wise,  and  Ashmore  and  Levitt,  indepen¬ 
dently  proposed  the  following  chain  mechanism  to  describe 
the  hydrogen/nitrogen  dioxide  reaction. 


H2 

+ 

N02 

— ♦  H  +  HONO 

R4(5) 

H 

+ 

NO 

— *•  NO  +  OH 

R4  (6) 

OH 

+ 

H2 

— ¥  H20  +  H 

R4  (7) 

OH 

+ 

N°2 

HONO, 

R4  (8) 

OH 

+ 

NO 

HONO 

R4  (9) 

Reaction  R4(6)  has  been  studied  directly  by  Clyne  and 
Thrush  (72).  They  found  that  the  vibrationally  excited 
hydroxyl  radicals  produced  in  this  reaction  then 
reacted  appreciably  with  molecular  hyirogen  to  give  water 
and  hydrogen  atoms,  R4(7). 

The  reactions,  in  a  steady  state  analysis,  yield  the 
rate  expression  (66) 

.  JCrio.] 

'  dt 


-kyk,CH»y[HQ>] 

k#[N0%l  +  k,lNo] 


At  the  higher  pressure  of  the  present  experiments,  the 
last  two  reactions  can  proceed  independently  of  a  third 
body.  The  calculated  lifteimes  of  excited  HONO  and  H0N02 
exceed  the  mean  time  to  a  collision  with  a  deactivating 
particle.  At  the  higher  temperatures  of  the  present 
experiments,  the  back  reactions 


HONO 

- >  OH  +  NO 

R4  (10) 

hono2 

OH  +  N02 

R4  (11) 

are  likely  to  become  more  important.  One  difficulty  with 
the  mechanism  proposed  by  the  other  investigators  is  that 
it  is  shown  to  give  a  second  order  dependence  upon  the 
hydrogen  concentration,  E4(l).  Rosser  and  Wise  attribute 
this  difference  to  a  removal  of  chain  carriers  at  the  wall 
and  an  inhibiting  effect  of  the  large  excess  of  hydrogen 
used  in  their  experiments.  Neither  of  these  arguments 
applies  here:  approximately  stoichiometric  mixtures  are 
used  and  no  change  in  order  with  respect  to  hydrogen  is 
noted  between  the  2  and  4  (inch)  results,  even  though  a 
small  wall  effect  on  the  rate  is  found. 

As  a  limiting  case,  consider  the  termination  to 
be  dominated  by  the  reaction 

M 

H  +  NO  --  ■»»  HNO  R4  (12 ) 

This  reaction  has  been  postulated  to  explain  the  inhibiting 
effect  of  NO  addition  on  hydrocarbon  oxidations,  see,  for 
example,  (30).  Under  the  reactor  conditions,  the  life¬ 
time  of  a  newly  formed  (excited)  HNO  molecule  is  calculated, 
using  the  RRK  model  (73)  to  be  about  the  same  as  the  mean 


time  for  collision,  therefore  at  least  a  partial  third 
body  dependency  is  indicated.  If  we  additionally  assume 
that  HNO  is  removed  in  a  manner  which  does  not  effect 

t 

the  concentration  dependence  of  R4(12),  as  Rosser  and  Wise 
did  for  reactions  R4(8)  and  R4{9),  for  example,  as 

HNO  +  H  H2  +  NO  R4  (13 ) 

HNO  +  OH — *H20  +  NO  R4  (14) 

HNO  +  HNO  — *  H2  +  NO  +  NO  R4(15) 


then  we  may  now  calculate  the  steady  state  concentration 
of  OH 


[OH] 


k,  k,'»  [no] 


k.i  [NO] 

The  substitution 

k,;  = 

has  been  made  since  the  concentration  of  third  body, 
primarily  the  carrier  nitrogen,  is  approximately  constant. 
Assuming  the  propagation  reactions  to  be  much  faster  than 
the  termination  reaction  one  finds  that  the  overall  rate 


and  of  H 

[H]  = 


is  now  given  by 


d[HO»l  _  _  kike  DU[NO»r 

Jt  k14  [no! 


While  this  particular  rate  expression  does  not  give  the 
proper  concentration  dependencies,  as  a  limiting  case, 
it  does  point  out  that  a  termination  step  involving  elimi¬ 
nation  of  an  H  atom,  as  by  the  formation  of  HNO,  serves 
to  reduce  the  reaction  order  with  respect  to  H2»  This 
observation  suggests  that  reaction  R4(12)  should  be 
added  to  the  mechanism  of  Rosser  and  Wise.  In  other  re¬ 
spects,  the  results  of  the  flow  reactor  experiments  ap¬ 
pear  consistent  with  the  mechanism  proposed  by  the  other 
investigators . 

At  the  higher  temperatures  encountered  in  the  flame 
experiment,  the  mechanism  is  quite  different  from  that 
just  proposed.  The  complete  reduction  of  the  nitrogen 
dioxide  must  be  accounted  for,  in  particular,  the  breaking 
of  the  NO  bond.  At  these  temperatures  possible  reactions 
are 


O  +  NO  -*•  N  +  02  R4  (16 ) 

NO  +  NO  — ►  N20  +  0  R4  (17) 

NO  +  NO  -►  N2  +  02  R4  (18) 

Of  these,  the  first,  R4(16),  is  highly  endothermic  while 
the  last,  R4(18),  is  four-center  and  would  have  a  poor 
steric  factor.  A  likely  candidate  is  reaction  R4(17). 
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The  nitrous  oxide  and  oxygen  would  then  be  free  to  react 
with  hydrogen.  The  formation  of  species  such  as  HNO  and 
HONO,  while  to  be  expected,  does  not  aid  in  the  breaking 
of  the  NO  bond  and  therefore  is  .  ot  helpful  in  explaining 
the  high  temperature  reaction  of  nydrogen  and  nitrogen 
dioxide . 

4.2  HYDROGEN/ OXYGEN 

The  kinetics  of  the  hydrogen/oxygen  reaction  prob¬ 
ably  has  been  investigated  more  thoroughly  and  by  more 
investigators  than  the  kinetics  of  any  other  reaction. 

It  is  not  intended  that  this  section  present  an  ex¬ 
haustive  review  of  this  work  or  report  on  a  thorough 
experimental  investigation  of  this  reaction.  The  intent, 
rather,  is  to  provide  experimental  data  which  cai  be  com¬ 
pared  validly  with  similar  data  for  the  other  reactions 
studied. 

Two  series  of  experiments  were  performed  on  the 
hydrogen/oxygen  reaction.  First,  reaction  rates  were 
measured  in  four  different  reactor  ducts,  with  a  broad 
range  of  mixture  ratios,  and,  second,  reported  in  Section 
4.4,  the  effect  of  the  addition  of  nitric  oxide  was  studied. 
Comparison  of  these  results  with  work  of  other  investi¬ 
gators  is  made  and  the  relation  of  the  hydrogen/oxygen 
reaction  to  the  other  hydrogen  "reaction  matrix"  reactions 
is  noted. 

4.2.1  Stoichiometry 

They  hydrogen/oxygen  reaction  proceeds  in  the  reactor 
to  completion  as 

H2  +  ho2  -#>  h2o 


R4  (19) 


c _ -  s»6ri*&S3t& 
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The  measured  heat  of  reaction  at  1000°K  of  59.3  (kcal/ 
mole  H2)  is  in  good  agreement  with  the  heat  of  formation 
of  water  at  this  same  temperature,  -59.246  (kcal/mole) 
(11). 


4.2.2  Experimental  results 

Two  general  classes  of  compositions  were  studied, one 
with  a  nitrogen shydrogen: oxygen  mole  ratio  of  approximately 
.38:. 01:. 01  and  the  other  with  the  composition,  expressed 
in  the  same  terms  of  .79:. 01:. 20.  These  correspond  to 
experiments  where  the  carrier  was  nitrogen  or  air,  re¬ 
spectively.  The  two  cases  are  discussed  separately. 

4. 2. 2.1  Nitrogen  carrier  (near  stoichiometric 
composition) 

From  the  experiments  conducted  with  a  large  excess 
of  oxygen,  it  is  establishemd  that  the  hydrogen/oxygen 
reaction  is  first  order  with  respect  to  hydrogen  (see 
section  4.2. 2.2).  Using  this  first  order  dependency 
upon  hydrogen,  the  experimental  rates  are  analyzed  statis¬ 
tically  for  a  range  of  orders  with  respect  to  oxygen  of 
from  -1.0  to  +1.0.  These  results,  plotted  in  Figure  (23), 
show  approximately  zero  order  dependency  upon  the  oxygen 
concentration . 

Reaction  rates  were  measured  in  both  the  2  and  4 
(inch)  diameter  quartz  ducts.  The  experimental  rate  con¬ 
stants  for  these  two  series  of  experiments  are  plotted 
in  Figures  (52)  and  (53).  The  corresponding  Arrhenius 
parameters  for  the  least  squares  fits  to  these  data  are 
summarized  in  Table  (24).  The  2  (inch)  duct  results  re¬ 
present  only  a  small  number  of  data  points,  however. 


STANDARD  DEVIATION  FRACTION, 
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DETERMINATION  OF  REACTION  ORDER  FROM  STATISTICAL 
CURVE  FIT,  HYDROGEN /OXYGEN.NITROGEN  CARRIER 


FIGURE  21 


[92] 


it  is  noted  that  the  overall  activation  energies  ob¬ 
tained  in  the  two  ducts  are  in  good  agreement  and  that 
there  is  a  slight  increase  in  the  rate  for  the  smaller 
duct.  The  representative  experimental  rate  constant  for 
the  reaction  of  hydrogen  and  oxygen  near  stoichiometric 
conditions  is  s'-.;.c«:‘ :d  to  be  that  obtained  in  the  larger 
duct,  that  is 


dt 


-  k[«0 


k  =  1010'96  exp (-38200/RT)  [sec  XJ 

4. 2. 2. 2  Air  carrier  (excess  oxygen  composition) 

By  measuring  reaction  rates  with  a  large  excess  of 
oxygen,  initial  equivalence  ratios  in  the  range  of 
.026  i  0  i  .062,  it  is  possible  to  establish  the  re¬ 
action  order  with  respect  to  hydrogen.  Since  the 
local  hydrogen  concentration  depends  both  upon  the  initial 
concentration  and  upon  the  extent  to  which  the  reaction 
has  approached  completion,  a  large  concentration  variation 
is  obtainable.  The  change  in  the  oxygen  concentration 
under  these  conditions  is  less  than  10  per  cent  thereby 
allowing  expression  of  the  reaction  rate  as 


E4  (2) 
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that  is,  without  expressed  dependence  upon  the  oxygen 
concentration.  Now,  defining  the  reduced  rate,  "t?/  , 
and  rewriting  the  above  expression  we  obtain 


i 


E4  (3) 


By  selecting  rates  at  a  fixed  temperature  and  since  the 
pressure  throughout  the  reaction  zone  is  constant,  we 
see  that  the  term  in  parentheses  is  a  constant.  The 
slope  of  a  log-log  plot  of  "ft  versus  Xjj  therefore  gives 
the  reaction  order,  a.  From  such  a  plot,  see  Figure  (22), 
the  react. on  is  found  tc  exhibit  approximately  first 
order  dependence  upon  the  hydrogen  concentration,  that 
is,  a  =*  1.0. 


Reaction  rates  were  measured  in  quartz  ducts  with 
inside  diameters  of  2,3,  and  4  (inches)  and  in  a  stainless 
steel  duct  with  an  inside  diameter  of  3  3/8  (inches). 

The  experimental  rate  constant  data  points  for  each  of 
these  four  cases  are  plotted  as  a  function  of  1/T  in 
Figures  (54),  (55),  (56),  and  (57)  respectively.  The 

corresponding  Arrhenius  parameters  for  the  least  squares 
fits  to  these  data  are  summarized  in  Table  (25) . 

While  the  overall  activation  energies,  E,  are  seen 
to  be  in  good  agreement  fcr  all  four  ducts,  +36.2,  +39. 8, +  39.5,  and 
+38.2  (kcal/mole),  a  consistent  trend  toward  higher  rates 
with  decreasing  duct  diameters  is  noted.  A  comparison 
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HYDROGEN  MOLE  FRACTION, XH 


HYDROGEN  .'OXYGEN  REACTION  RATES, T=  990°  K,  ^ 

DEPENDENCE  ON  HYDROGEN  CONCENTRATION , [o4 ] » [ H2 ]  * 


FIGURE  22 
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of  the  rates  obtained  in  the  different  ducts  is  pre¬ 
sented  in  Figure  (23).  This  result  is  interpreted  as 
a  wall  effect,  in  particular,  one  for  which  the  wall 
serves  as  a  positive  catalyst  for  the  reaction.  The 
rates  obtained  with  the  stainless  steel  duct  are  in 
good  agreement  with  those  obtained  in  the  quartz  ducts — 
no  wall  material  effect  is  noted. 

Since  rate  data  are  available  for  several  dia¬ 
meters,  extrapolation  to  an  infinite  diameter,  or  zero 
wall  effect  can  be  made  with  some  validity.  Character¬ 
izing  the  wall  effect  simply  by  the  surface  to  volume  ratio, 
or,  equivalently,  in  proportion  to  (diameter)-^,  one  may 
extrapo] ate  the  rate  constant  to  the  limit  of  1/d  *  0. 

The  pre-exponential  factors,  A,  adjusted  for  differences 
in  activation  energies,  ara-  plotted  for  the  four  ducts 
in  Figure  (24)  as  a  function  of  1/d.  The  magnitude  of 
the  wall  effect,  while  definitely  present,  is  not  m*-.ch 
greater  than  the  uncertainties  in  A,  expressed  as  plus 
a  \C  minus  one  standard  deviation,  ^  .  Extrapolation  to 
infinite  diameter  gives  a  result  close  to  that  for  the 
4  (inch>  duct.  The  rate  constant  measured  with  the  four 
inch  quartz  duct  is  chosen  as  being  representative  of  the 
hydroge**,  oxygen  reaction  rate  with  a  large  excess  of 
oxyj-n,  that  is. 


dCMJ  _ 
dt 


10.71 


k  ^  10 


exp  (-39500/RT) 


[sec 


[k,  SEC*] 
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EFFECT  OF  DUCT  DIAMETER  ON  REACTION  RATE, 
HYDROGEN /OXYGEN,  AIR  CARmER 


FIGURE  23 


PRE-  EXPONENTIAL  FACTOR 
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EXTRAPOLATION  OF  HYDROGEN /OXYGEN  RATE 
CONSTANT  TO  INFINITE  DIAMETER  DUCT,  AIR  CARRIER 


FIGURE  24 
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4. 2. 2. 3  Comparison  of  nitrogen  carrier  and  air 
carrier  results 

The  overall  activation  energies  for  all  cases 
are  found  to  be  in  good  agreement.  The  rates,  however, 
are  larger  with  nitrogen  as  a  carrier,  or,  equivalently 
oxygen  as  a  diluent  is  found  to  slow  the  reaction.  That 
oxygen  is  not  observed  to  depress  the  reaction  rate  when 
nitrogen  is  used  as  the  carrier  may  be  attributed  to  the 
limited  range  of  oxygen  concentrations  which  were  studied 
(compared  to  the  factor  of  20  increase  in  oxygen  concentra¬ 
tion  obtained  by  using  air  as  the  carrier).  To  bring  the 
cases  into  agreement  requires  a  reaction  order  dependency 
upon  oxygen  of  b  =  -0.4. 

The  wall  is  noted  to  act  as  a  positive  catalysis 
to  the  overall  combustion  reaction  in  both  cases.  The 
catalytic  is  larger  when  air  is  used  as  the  carrier. 

4.2.3  Wall  effect 


That  the  wall  should  act  as  a  positive  catalyst 
is  contrary  to  observations  made  at  lower  temperatures 
and  pressures  by  other  investigators,  particularly  Lewis 
and  von  Elbe  (74)  who  conclude  that  chain  breaking  occurs 
at  the  wall.  They  do  find  that  the  chain  breaking  eff5 
ciency  of  quartz  is  low.  Swigart  (53),  who  studied  the 
same  reaction  in  stainless  steel  ducts,  observed  similar 
catalytic  wall  effects.  Benson  (73)  argues  that  the  forma¬ 
tion  of  H  atoms  at  the  wall  is  an  important  reaction. 

In  particular,  he  suggests  that  -‘active  sites  on  the  walls 
are  covered  with  02  and  that  H2  can  react  with  them..... and 
liberate  an  H  atom  into  the  gas  phase."  Such  a  mechanism 
explains  not  only  the  observed  catalytic  wall  effect  but 
additionally  the  observation  that  the  wall  effect  is  stronger 
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for  the  case  in  which  a  large  excess  of  oxygen  is  pres¬ 
ent.  The  present  experimental  results  would  equally  as 
well  support  a  mechanism  such  as  oxygen  dissociation  at 
the  wall. 

4.2.4  Results  of  other  investigators 

In  the  extensive  study  of  the  kinetics  of  the 
hydrogen/oxygen  reaction,  most  of  the  earlier  investi¬ 
gators  were  concerned  with  detonation  limits  including 
the  effects  of  wall  .tings,  inert  diluents,  and  additives. 
Minkoff  and  Tipper  (75)  present  a  good  review  of  this 
work  through  about  1960.  More  recently,  investigations 
have  centered  on  a  study  of  induction  times,  particularly 
at  high  temperatures,  and  upon  related  free  radical  re¬ 
actions. 

Comparison  of  the  present  investigation  with  the 
results  of  experimenters  who  have  studied  induction  times 
is  necessarily  difficult.  While  the  reactants  are  the 
same,  the  phenomena  observed  are  essentially  different. 

Most  of  the  induction  time  experiments  have  been  con¬ 
ducted  in  shock  tubes  or  related  devices  and  the  initia¬ 
tion  reaction  followed  by  the  onset  of  a  free  radical 
build-up  (generally  OH)  or  the  beginning  of  a  pressure 
or  density  change.  The  adiabatic  flow  reactor  has  proved 
unsuitable  to  direct  measurement  of  induction  times  for 
the  hydrogen/oxygen  reaction.  Small  changes  in  experi¬ 
mental  parameters  related  to  the  hydrogen  injection,  pri¬ 
marily  the  nitrogen  dilution  but  also  the  carrier  flow 
rate  and  temperature,  produce  large  variations  in  the  ob¬ 
served  induction  times.  As  suggested  by  Swigart  (53), 
these  variations  are  probably  attributable  to  heterogeneous 
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reactions  occuring  in  the  injection  region.  Th'-  —•  erall 
reaction  rates  which  can  be  measured  independent  of  the 
nature  of  the  induction  process,  characterise  the  overall 
or  global  hydrogen/oxygen  reaction  in  a  regime  where  the 
presence  of  reaction  products,  primarily  water,  must  be 
considered  to  affect  the  reaction.  This  situation  is  re¬ 
cognized  to  be  basically  different  from  the  induction  time 
experiments  in  which  the  presence  of  products  is  negligible. 
It  is  felt,  none-the-less,  to  be  worthwhile  to  compare 
the  present  results  and  "induction  time"  results  by  the 
technique  of  calculating  the  induction  time  from  the  mea¬ 
sured  global  rates.  While  no  particular  correlation  with 
the  buildup  of  OH  radicals  would  be  expected,  some  similarity 
would  be  hoped  for  with  induction  experiments  in  which 
a  later  phenomenon  was  observed,  for  example,  the  pres¬ 
sure  rise. 

The  relation  between  reaction  times  and  reaction 
rates  is  discussed  in  Appendix  B.  In  particular,  the  error 
introduced  by  failing  to  account  for  temperature  rise  in 
experiments  based  on  the  measurement  of  reaction  time  is 
considered. 

Several  additional  experimental  investigations 
of  hydrogen/oxygen  induction  times  have  been  reported 
since  the  reviews  of  Patch  (76)  and  of  Nichclls,  Adamson, 
and  Morrison  (77).  The  results  of  a  number  of  these  in¬ 
vestigations  are  compared  in  Figure  (25)  and  the  nature 
of  the  experiments  outlined  below. 

curve  experimenters 

A  Miyama  and  Takeyuma  (78) 


description  of 
experiment 

shock  tube ,  OH 

absorption 


ssum** 


[1013 


shock  tube,  pressure 
rise 

.25  6  0  £  1.0,  70- 
90%  argon 

shock  tube ,  OH 
absorption 
.12  £  0  *  2.5,  83- 
99.6%  argon 


C  Rhodes  and  Chriss  (80)  supersonic  wind  tunnel 

D  Ruegg  and  Dorsey  (81)  ballistic  range, 

schlieren 

0  =  1.0,  56%  nitrogen 
(air) 


E  Strehlow  and  Cohen  (82)  shock  tube,  schlieren 

0  =  1.0,  25-94%  argon 


F  Fujimoto  (83)  shock  tube,  OH  emission 


G  Mullaney,  Ku,  Botch  shock  tunnel,  schlieren 

(84,85)  0  =  1.0,  56%  nitrogen 

(air)  or  57%  argon 


H  present  investigation  adiabatic  flow  reactor 

temperature  rise, 

0  *  1.0 


H'  present  investigation  0  25  .04 


I  Skinner  and  Ringrose  (86)  shock  tube,  OH  emission 

0=  2.0,  90%  argon 


Induction  times  based  on  10  per  cent  reaction  as  calculated 
from  the  rates  obtained  in  the  present  investigation  are 
also  presented  in  Figure  25.  As  pointed  out  by  Mullaney, 
Ku,  and  Botch  (84) ,  the  use  of  the  oxygen  concentration 
in  correlation  of  induction  times  is  useful  only  for 


A'  Miyania  and  Takeyama  (78) 


B  Shott  and  Kinsey  (79) 


INDUCTION  TIME,r[02]  [MOLE-SEC/CC] 
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purposes  of  comparison,  except  in  the  case  of  hydrogen 
rich  mixtures,  0  » 1.  Miyama  and  Takeyama  (78)  found 
induction  time  dependence  upon  the  hydrogen  concentration 
in  agreement  with  the  present  observations,  at  temperatures 
less  than  1100°K.  The  same  investigators  also  found 
that  the  activation  energy  was  higher  for  the  induction 
time  as  measured  by  the  pressure  rise  than  as  measured 
by  the  OH  concentration,  29  [kcal/mole]  versus  19 
[kcal/mole].  In  comparing  the  present  results  to  those 
of  other  experimenters,  one  notes  that  the  calculated 
induction  times  are  of  the  right  order  of  magnitude 
but  that  the  activation  energies  are  higher  than  those 
found  in  most  of  the  induction  time  experiments.  From 
the  second  observation  one  would  conclude  tia  t  the  observed 
overall  reaction  rate  is  not  controlled  by  the  formation 
of  OH  radicals  as  is  the  induction  time. 

Norrish  and  Porter  (87)  from  explosion  studies, 
conclude  that  while  hydrogen  accelerates  the  reaction, 
oxygen  in  excess  has  an  effect  similar  to  an  inert  gas, 
it  decreases  the  rate.  This  would  appear  to  be  consistent 
with  the  present  observation  of  a  weak  rate  dependence, 
probably  slightly  negative,  upon  the  oxygen  concentration. 
Swigart  (53)  reports  a  power  dependence  of  the  reaction 
rate  upon  the  oxygen  concent ratbn  but  no  such  effect  is 
noted  in  the  present  experiments. 

4.2.5  Reaction  mechanism 


The  reaction  mechanism  of  Willbourn  and  Hinshelwood 
(88)  has  been  adopted  with  slight  modification  by  most 
subsequent  investigators  of  the  hydrogen/oxygen  reaction. 
They  propose  the  following  steps  which  are  shown  to 
explain  the  three  explosion  limits  of  hydrogen /oxygen. 
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OH  +  H2 

— 

H20  +  H 

R4  ( 20 ) 

H  +  02 

— 

OH  +  0 

R4  (21) 

o  +  h2 

— 

OH  +  H 

R4(22) 

H  +  02  + 

M  — * 

H02  +  M 

R4  ( 23) 

HO  2  +  H2 

H20  +  OH 

R4  ( 24) 

The  formation  of  hydrogen  peroxide  provides  a  reaction 
which  is  preferable  to  R4(24)  . 


H°2  +  H2 

Ho0o  +  H 

R4 ( 24a) 

The  mechanism  is  noted  to  be  highly  branched.  Possible 

initiation  reactions  would  include 

H2  ♦  M 

— 

H  +  H  +  M 

R4(25) 

°2  +  M 

— 

0  +  0  +  M 

R4(26) 

EC 

NJ 

+ 

O 

to 

— 

H02  +  H 

R4 (27) 

Reaction  R4(26)  is  the  most  endothermic 
therefore  probably  the  least  important, 
investigat ion»  as  argued  in  Section  4.2.3 

reactions 

of  the  above  and 

In  the  present 

,  the  heterogeneous 

H2 

wall^ 

H  +  H 

R4  ( 28) 

wall 

0+0 

R4 (29) 

are  likely  to  be  important 


The  reaction  mechanisms  generally  proposed  for  the 
supersonic  combustion  of  hydioqen  and  air  differ  from 
the  above  scheme  in  several  respects.  The  first  three 
propagation  and  branching  reactions  above,  R4(20), 

R4(21),  and  R4(22)  are  postulated  also  to  be  important 
reactions  in  the  supersonic  combustion  problem.  Hydro¬ 
peroxide,  as  appears  in  Reactions  R4(23)  and  R4(24), 
is  not  considered  to  play  an  important  role.  Finally, 
termination  factions  involving  the  fcllowing  free  radical 
recombinations  usually  are  invoked.  See,  for  example. 


Reference  (89) . 

H  +  H 

-4 

H2 

R4 (30) 

0  +  0 

°2 

R4  (31) 

OH  +  H 

M 

H2° 

R4  ( 32) 

That  excess  oxygen  slows  the  reaction  was  observed 
also  by  Swigart  (53)  .  T^ewis  and  von  Elbe  (74)  state, 
hoever,  that  "kinetically  the  effect  of  oxygen  is 
essentially  that  of  diluent."  This  observation  must  be 
rejected  on  the  basis  of  the  present  experiments.  That 
the  addition  of  oxygen  does  not  accelerate  the  reaction 
indicates  that  the  initiation  reactions  R4(26)  and  R4(27) 
are  not  rate  controlling.  The  effect  of  0 ^  in  slowing 
the  reaction  1^  consistent  with  the  behavior  predicted 
by  the  termination  reaction  R4(23).  The  similarity  of  the 
vibrational  frequency  of  oxygen  (1555  cm  and  the 
bending  mode  frequency  of  water  (1595  cm  *)  has  been 
observed  to  produce  a  highly  efficient  resonant  exchange 
of  energy  (90) .  Dixon-Lewis  and  Williams  (91)  have 
speculated  that  oxygen  in  oxygen  rich  flames  may  cause 
apparent  catalysis  of  radical  recombination  (which  is 
interpreted  to  mean  tte  t  excess  oxygen  will  slow  the  reaction) . 
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Skinner  and  Ringrose  (86)  recently  have  reported  the 
results  of  shock  tube  experiments  at  the  same  temperatures 
as  the  present  investigation.  They  report  induction  times 
which  are  much  longer  and  apparent  activation  energies 

I 

wh/.ch  are  much  larger  than  those  expected  from  experiments 
at  higher  temperatures.  They  attribute*  the  se  observations 
to  the  role  -of  HO^  radicals  in  slowing  the  reaction  and 
demonstrate  the  agreement  of  their  experiment  al  results 
with  a  proposed  reaction  mechanism  (similar  to  that 
above)  through  numerical  integration  of  the  rate  equations . 

In  summary,  the  important  steps  in  the  hydrogen/ 
oxygen  reaction  kinetics,  as  pertinent  to  the  present 
investigation,  are  suggested  to  be  the  following. 

initiation 


H2  +  M 

H  +  H  +  M 

R4 (25) 

tt  wall 

h2 

H  +  H 

R4 (28) 

H2  +  °2  — * 

H02  +  H 

R4 ( 27 ) 

branching 

O  +  H2  - ►  OH  +  H 

H  +  02  - ►  OH  +  O 

propagation 

OH  +  H2  - *  II 20  +  H  R4  ( 20) 

H02  +  H2  — »  H20  +  OH 


R4(21) 

R4(22) 


R4  ( 24) 
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termination 


H  +  °2 

H°2 

R4  (23) 

OH  +  H 

h2° 

R4(32) 

4.3  HYDROGEN/NITRIC  OXIDE -OXYGEN 

A  reaction  of  particular  interest  is  that  of  hydrogen 
with  decomposed  nitrogen  dioxide.  As  discussed  in 
Section  2.2.4,  nitrogen  dioxide  decomposes  to  nitric 
oxide  and  oxygen  according  to  the  stoichiometry 

2N02  — 2NO  +  02  R4(33) 

Such  a  mixture  can  be  obtained  conveniently  in  the  reactor 
by  injecting  nitrogen  dioxide  into  the  nitrogen  carrier 
upstream  of  the  pebble-bed  heat  exchangers .  A  second 
method  is  to  inject  both  nitric  oxide  and  oxygen.  Both 
techniques  were  used  but  the  second  is  presented  as  a 
special  case  of  the  study  of  the  effect  of  the  addition 
of  nitric  oxide  on  the  hydrogen/oxygen  reaction  and  is 
discussed  in  Section  4.5. 

i 

4.3.1  Stoichiometry 

The  reaction  is  concluded  to  involve  only  the 
oxygen  without  the  consumption  or  decomposition  of  the 
nitric  oxide. 

h2  +  no  +  ho2  — ♦  h2o  +  NO 


R4(34) 
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The  e  idence  for  this  conclusion  is  b^.sed  on  the  results 
of  the  study  of  the  effect  of  nitric  oxide  on  the  hydrogen/ 
oxygen  reaction  (Section  4.5)  and  comes  primarily  from 
the  observation  that  the  heat  release  is  unaltered  by 
addition  of  NO,  even  when  excess  is  present. 

4.3.,2  Experimental  results 

All  reaction  rate  measurements  were  made  in  the  2 
[inch]  quartz  duct  with  nitrogen  carrier.  Equivalence 
ratios  of  .44  £■  0  £  .64,  or,  equivalently,  reaction 
ratios  of  .88  ^  ^  1.29  were  studied.  These  mixtures 

correspond  to  small  variations  about  the  stoichiometry 
expressed  in  R4(34).  No  attempt  was  made  r.o  make  an 
independent  determination  of  reaction  orders  with  this 
particular  reactant  combination,  rather,  a  rate  dependence 
similar  to  that  used  to  correlate  the  hydrogen/nitrogen 
dioxide  reaction  rates  was  used  arbitrarily.  The  rate 
equation  used  is 


far  which  the  rate  constant  was  found  to  be 

k  =  1025*  '1  exp(-98300/RX)  [  (mole/cc)  "^sec"1] 


For  comparison  with  the  hydrogen /oxygen  reaction  the  rate 
dependence  used  and  rate  constant  determined  were. 


k  =  10 16  *  47exp ( -68600/RT) 


3 


rs grass?  ■pest: 


[sec”^J 
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The  Arrhenius  parameter*-  for  this  reaction  are  summarized 
in  Table  (26)  and  the  experimertal  rate  constants  are 
plotted  in  Figure  58*  No  chemical  significance  is  to 
be  attached  to  the  "activation  energies"  reported  above. 
The  reaction  rate  equations  were  selected  arbitrarily  to 
allow  comparison  of  the  rate  constants  with  the  rate 
constants  of  the  related  hydrogen  reactions.  The 
"activation  energies"  in  this  case  are  no  more  than  cirve- 
fit  constants. 

4.3.3  Results  of  other  investigators  and  reaction 
mechanism 


While  the  effect  of  nitric  oxide  on  the  reaction 
of  hydrogen  has  been  studied  by  other  investigators,  the 
writer  is  aware  of  no  experiments  involving  NO  concentrations 
which  are  as  high  as  the  NO  concentration  corresponding 
to  decomposed  nitrogen  dioxide.  The  reaction  mechanism 
is  discussed  in  Section  4.5 . 

4 . 4  FYDROGEN/NITRIC  OXIDE 

Attempts  to  establish  a  measurable  reaction  between 
hydrogen  and  nitric  oxide  in  either  the  2  or  4  [inch] 
quartz  duct  with  nitrogen  carrier  were  not  successful 
at  temperatures  cf  up  to  1170°K.  A  range  of  hydrogen 
to  nitric  oxide  ratios,  .250*  3.0,  with  hydrogen 
concentrations  of  up  to  4  x  10  ^  [moles/cc]  was  used. 

Wolfhard  and  Parker  have  studied  premixed  hydrogen/ 
nitric  oxide  flames  (71) .  Experimental  flame  temperatures 
were  measured  to  be  2820°C,  indicating  that  at  high 
temperatures,  the  reaction  proceeds  as 

H2  +  NO  — ►  H20  + 


R4(35) 


swfe**  — ii'KMrMwssaa.. 


[110] 


They  conclude  that  the  reaction  of  nitric  oxide  requires 
either  the  preserce  of  radicals  such  as  NH  or  NH^  or  the 
thermal  decomposition  of  the  nitric  oxide  and  state 
that  the  process  will  occur  only  at  temperatures 
approaching  about  2800°C.  Neither  of  these  conditions 
were  met  in  the  present  experiment.  If  hydrogen  atoms 
were  present,  as  fr  n  the  catalytic  decomposition  of 
hydrogen  at  the  wa  is,  the  formation  of  HNO  apparently 
does  not  provide  a  route  for  the  reaction  of  hydrogen 
and  nitric  oxide.  It  is  important  to  note  the  strong 
resistance  nitric  oxide  shows  to  reduction  at  temperatures 
below  its  dissociation  temperature.  Even  the  presence 
of  such  radicals  as  H,  OH,  and  0  and  the  likely  formation 
of  such  species  as  HNO,  HONO,  and  ONO  does  not  result 
in  the  breaking  of  the  NO  bond. 

4.5  THE  EFFECT  OF  NITRIC  OXIDE  ON  THE  HYDROGEN/OXYGEN 
REACTION 


As  may  be  noted  from  the  results  reported  in 
the  first  three  sections  of  this  chapter,  the  oxidations 
of  hydrogen  by  NO,,  02#  and  NO  +  h02  are  similar  in 
that  essentially  all  of  the  hydrogen  is  oxidized  to 
water,  but  distinctively  different  in  terms  of  the 
rate  at  which  this  oxidation  takes  place.  A  large 
concentration  of  nitric  oxide  is  found  to  be  an  in¬ 
hibitor  to  the  oxidation  of  hydrogen  by  noth  nitrogen 
dioxide  and  by  oxygen.  Additional  information  on 
this  effect  was  obtained  by  measuring  the  reaction 
rate  of  hydrogen/oxygen  with  varying  abounts  of  nitric 
oxide  added. 
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4.5.1  Sto?  chiometry 

The  controlling  stoichiometry  of  the  hydrogen/ 
oxygen  reaction  appears  to  be  unchanged  by  the  presence 
of  NO.  That  the  nitric  oxide  is  neither  consummed 
nor  decomposed  to  any  great  extent  is  evidenced  by  the 
failure  of  the  addition  of  nitric  oxide  to  produce  any 
change  in  the  mergy  release.  This  effect  was  noted  to 
be  true  for  all  hydrogen/oxygen  mixture  rations,  that 
is,  for  0^1.  That  no  reaction  between  nitric 
oxide  and  hydrogen  alone  is  obtainable  and  that  nitrogen 
dioxide  is  reduced  by  hydrogen  nr iy  to  nitric  oxide  is 
further  evidence  that  nitric  oxide  is  not  consummed. 

Any  decomposition  of  nitric  oxide  would  be  evidenced 
by  a  heat  release  of  21.6  [kcal/molej  which  is  neither 
observed  nor  expected  at  these  temperatures.  Nitri< 
oxide  is  detected  in  the  infrared  absorption  spectra 
of  the  products  of  both  the  reaction  of  H2/NC>2  and  of 
H2/NO  +  *  The  hydrogen/oxygen  reaction  in  the 

presence  of  nitric  oxide  then  has  the  overall  behavior 

H2  +  ho 2  +  nNO  — >  H20  +  nNO  R4(36) 


4.5.2  Experimental  results 

A  series  of  experiments  were  made  ir.  the  4  [inch] 
quartz  duct  with  two  general  reactant  compositions 
similar  to  those  described  in  the  section  on  the 
hydrogen/oxygen,  that  is,  corresponding  to  nitrogen 
carrier  and  to  air  carrier.  Approximate  mole  fractions 
for  these  two  cases  are  indicated  below. 
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N2 

H2 

°2 

NO 

N2  carrier 

• 

VO 

CD 

.01 

.01 

0  to  .015 

ai.‘  carrier 

.79 

.01 

.20 

0  to  .01 

The  results  for  the  two  cases  are  different.  In  both 
cases  the  addition  of  small  quantities  o.t  nitric  oxide 
accelerates  the  hydrogen/oxygen  reaction.  The  addition 
of  large  quantities  slows  the  reaction.  For  purposes 
of  comparison,  all  rates  are  determined  on  the  basis 
of  a  simple  first  order  dependency  on  the  hydrogen  only. 

It  is  recognized  that  a  better  correlation  of  experimental 
data  is  obtained,  when  large  quantities  of  NO  are  added, 
with  the  more  complex  dependency  used  in  Sections  4.1 
and  4.3  . 

The  effect  of  nitric  oxide  addition  for  the  two 
cases  of  =  1  and  =  *05  are 

compared  at  a  temperature  of  950°K  in  Figure  26. 

Increases  in  the  reaction  rate  by  a  factor  of  about  1.3 
are  obtained  in  the  first  case  and  by  greater  than  2.0 
in  the  second  case.  As  seen  in  Figure  ,  the  addition 
of  small  amounts  of  nitric  oxide  produces  only  an 
increase  in  the  rate  while  the  addition  of  large  amounts 
produces  both  a  decrease  in  the  rate  and  a  change  ia  the 
overall  activation  energy.  The  magnitude  of  the  in¬ 
hibition  effect  of  nitric  oxide  is  found  to  be  approx¬ 
imately  proportional  to  the  NO  concentration.  The 
special  case  of  (N0J/[02J  =  2,  corresponding  to  the 
dissociation  of  nitrogen  dioxide,  is  consistent  with 
the  trend  shown  in  these  results. 
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4.5.3  Results  of  other  investigators 

Ashmore  (92,93)  studied  the  sensitizing  effect 
of  small  amounts  of  NO  on  the  hydrogen/oxygen  reaction 
in  terms  of  ignition  limits.  He  found  that  the  sensi¬ 
tizing  limits  were  the  same  whether  NO,  NOCl,  or  N0£ 
was  used  and  interpreted  the  widely  different  induction 
periods  associated  with  these  three  sensitizers  to 
correspond  to  the  different  times  for  the  additives 
to  decompose  to  yield  nitric  oxide.  Crist  and  Wertz  (94) 
concluded  from  an  earlier  investigation  that  the 
sensitization  of  the  hydrogen/oxygen  reaction  by  nitrogen 
dioxide  was  due  to  NO^  rather  than  NO.  Recently,  Skinner 
(95),  in  shock  tube  studies,  has  observed  qualitatively 
an  acceleration  of  the  hydrogen/oxygen  re-^tion  by  the 
addition  of  small  amounts  of  NO.  The  auti.  r  is  not 
aware  of  any  other  investigation  of  the  effect  of 
large  amounts  of  nitric  oxide  on  the  hydrogen/oxygen 

i  reaction. 

i 

» 

j  4.5.4  Reaction  mechanism 

i 

; 

i 

|  The  primary  behavior  which  any  proposed  reaction 

;  mechanism  should  pedict  is  the  quenching  effect  of  NO 

J  at  fcrge  concentrations  and  the  accelerating  effect 

!  at  small  concentrations.  The  former  is  the  easiest 

to  postulate.  The  effect  is,  no  doubt,  to  remove 

* 

;  free  radicals,  in  particular,  those  important  to  the 

hydrogen/oxygen  reaction,  H,  OH,  and  0.  Nitric  oxide 
long  has  been  recognized  as  an  inhibitor  of  reactions 
involving  free  radicals,  see,  for  example,  Lewis  and 
von  Elbe  (74)  or  Trotman-Dickenson  (96).  The  following 
termination  reactions  involving  NO  can  account  for  the 
observed  inhibition. 
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NO  +  OH 

HONO 

R4  (37) 

NO  +  H 

HNO 

R4  (38) 

NO  +  0 

<N 

o 

J3 

R4  (39) 

rhe  first  reaction,  the  formation  of  nitrous  acid,  is 
the  most  plausible.  The  possibility  of  the  second  reaction 
acting  as  an  important  quenching  reaction  has  received 
little  attention  in  the  literature,  but,  none-the-less, 
seems  reasonable,  especially  in  light  of  the  detection 
of  HNO  in  the  nitrogen  dioxide  rich  hydrogen/nitrogen 
dioxide  flame.  This  reaction  is  only  slightly  more 
exothermic  than  the  first,  51.6  versus  49.8  [kcal/mole] . 
Clement  and  Ramsay  (97)  report  the  H-NO  bond  energy  to 
be  48.6  [kcal/mole]  which  allows  classification  of 
nitroxyl  as  a  relatively  stable  molecule,  similar  to 
hydroperoxyl .  Reaction  R4(38)  is  reported  also  by 
Ashmore  and  Tyler  (98). 

The  function  of  NQ  in  sensitizing  the  hydrogen/ 
oxygen  reaction  is  difficult  to  establish.  Ashmore 
and  Tyler  (98)  have  suggested  that  NO  can  convert  the 
H09  to  the  more  active  specie,  OH. 

NO  +  H02  — ►  N02  +  OH  R4  (40 ) 

Another  possibility  is  for  NO  to  introduce  0  atoms  by 
the  reaction 

NO  +  02  N02  +  O  R4  (41 ) 
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Both  reactions,  as  well  as  the  observation  of  Wise  and 
French  (51)  that  oxygen  accelerates  the  decomposition 

of  NO,  are  in  agreement  with  greater  sensitization  with 
large  oxygen  concentrations.  The  first  reaction, 

R4(40),  is  exothermic  in  the  amount  of  17  [kcal];  the 
second,  R4(41)  is  endothermic  in  the  amount  of  46  [kcal] . 
Reaction  R4 (40)  therefore  is  favored. 

Both  the  suggested  NO  quenching  and  accelerating 
reactions  appear  to  be  first  order  in  NO,  which  would 
fail  to  account  for  the  observed  change  in  the  function 
of  NO  from  a  catalyst  to  an  inhibitor  as  its  concentration 
is  increased.  To  agree  with  the  observation,  the  order 
of  NO  as  an  inhibitor  should  be  greater  than  as  a 
catalyst.  This  might  arise  through  a  secondary  reaction, 
such  as  the  consumption  of  the  unstable  HNO  molecule, 
with  might  occur  as 

HNO  +  H  — >  H2  +  NO  R4  (42 ) 

HNO  +  OH  ►  H20  +  NO  R4  (43 ) 

HNO  -V-  HNO  — S*  H2  +  NO  +  NO  .  R4  (44) 

Reaction  R4(44)  would  give  the  quenching  reaction 
an  apparent  higher  order  dependence  on  the  NO  con¬ 
centration. 

4.6  COMPARISON  OF  HYDROGEN  REACTIONS 

The  hydrogen  reactions  studied  are  ordered  in  terms 
of  their  reaction  rates  in  the  following  table. 
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TABLE  8.  Relative  reaction  rates,  hydrogen  reactions 
at  1000°K 


oxidizer 

relative  rate 

°2 

40 

N02 

3 

NO  +  %02 

1 

NO 

no  reaction 

In  other  terms,  the  hydrogen/oxygen  reaction  is  found 
to  proceed  about  14  times  faster  than  the  hydrogen/ 
nitrogen  dioxide  reaction.  The  hydrogen/nitrogen  dioxide 
reaction  is  found  to  be  about  3  times  as  fast  as  the 
reaction  of  hydrogen  with  a  2:1  fixture  of  nitric  oxide 
to  oxygen.  No  reaction  is  obtained  between  hydrogen 
and  nitric  oxide. 

In  another  form,  the  measured  reaction  rates  are 
compared  in  Figure  28.  Since  the  reactions  are  found 
to  follow  different  orders  with  respect  to  hydrogen  and 
the  oxidizer,  to  compare  the  rates  it  is  necessary  to 
impose  an  artificial,  common  rate  constant  dependency. 

A  first  order  dependency  on  both  the  hydrogen  and 
appropriate  oxidizer  is  used.  That  is,  rate  constants 
are  calculated  on  the  basis  of  the  rate  equation, 

f=-kWW 


H2/N0:  (NO  REACTION  ) 
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COMPARISON  OF  HYDROGEN  REACTION  RATES, 

NITROGEN  CARRIER 
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[X]  refers  to  the  concentration  of  ,  NO2,  or,  in  the 
case  of  the  mixture  of  NO  +  hp2>  to  O2. 

The  most  important  steps  of  the  reaction  mechanism 
are  compared  in  Table  9.  The  explanation  of  the  great 
difference  between  the  hydrogen  reaction  rate  with  oxygen 
and  with  nitrogen  dioxide  is  due  to  the  basic  character 
of  the  reaction  mechanisms:  th.e  hydrogen/oxygen 
reaction  proceeds  by  a  chain  branching  mechanism  while 
the  hydrogen/nitrogen  dioxide  reaction  proceeds  by  a  chain 
propagating  mechanism.  From  the  experimental  results, 
it  is  to  be  concluded  that,  in  the  c-;~e  corresponding 
to  dissociated  nitrogen  dioxide,  the  nitric  oxide  destroys 
the  chain  branching  character  of  the  hydrogen/oxygen 
reaction  through  efficient  destruction  of  OH  and  H 
radicals.  These  same  effects  are  reflected  in  the  higher 
overall  activation  energy  of  the  slower  reacting 
combinations.  That  the  ^/NO  +  %02  reaction  is  even 
slower  than  the  H2/N02  reaction  probably  is  due  to  the 
larger  concentration  of  NO  in  the  former  case.  The 
H2/NO  reaction,  which  is  not  observed,  depends  on  the 
breaking  of  the  NO  bond  which  does  not  occur  at  the 
experimental  temperatures  (except  in  the  presence  of 
certain  radicals,  as  discussed  later). 


TABLE  9.  Summary  of  reaction  mechanisms,  hydrogen  reactions. 
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CHAPTER  5  AMMONIA  REACTIONS 

The  second  hydrazine  decomposition  product  to  be 
discussed  is  ammonia.  If  hydrazine  decomposition  to 
hydrogen,  ammonia,  and  nitrogen  precedes  oxidation, 

then  the  reactions  of  ammonia  become  important,  especially 

/ 

sxnce  three  tiiues  as  much  hydrogen  appears  bound  in 
ammonia  as  appears  in  molecular  hydrogen.  Of  the  fuels 
studied,  ammonia  was  the  least  reactive,  and  required 
high  temperatures  to  obtain  ignition  and  measurable 
reaction  rates.  Thermodynamic  equilibrium  favors  the 
decomposition  of  ammonia  to  nitrogen  and  hydrogen  at 
the  temperatures  of  the  present  investigations.  The 
ammonia  decomposition  rate,  however,  is  much  slower  than 
its  reaction  rate  and,  therefore,  ammonia  decomposition 
is  not  of  concern  in  the  present  experiments. 

5.1 

Ammonia  and  nitrogen  dioxide  react  readily  at  room 
temperature  to  form  ammonium  nitrate ,  nitrogen,  and 
water,  according  to  the  stoichiometry,  reported  by  Falk 
and  Pease  (99) 

2NH3  +  2N02  NH^NO  +  N2  +  H20 

This  reaction  prevented  the  obtaining  of  a  prefixed  gas 
flame,  as  was  used  in  the  study  of  the  hydrogen/nitrogen 
dioxide  reaction.  The  products  of  this  low  temperature 
reaction  plugged  the  burner  shortly  following  the  ob¬ 
servation  of  an  apparent  flame. 


AMMONIA/NITROGEN  DIOXIDE 
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5.1.1  Stoichiometry 

At  higher  temperatures,  that  is  those  of  the  present 
investigations,  the  reaction  involves  the  complete  ox¬ 
idation  of  the  ammonia  to  water  but  the  reduction  of  the 
nitrogen  dioxide  only  to  nitric  oxide.  The  heat  of 
of  reaction  is  measured  to  be  52  [kcal/mole  NH^]  which 
is  to  be  compared  to  the  theoretical  value  of  55  [kcal/ 
mole  NH3J  for  the  following  stoichiometry 

2NH3  +  3N02  -*>  3H20  +  N2  +  3N0 

Nitric  oxide  is  detected  in  both  the  infrared  spectra 
and  mass  spectra  of  the  reaction  products  (Appendix  D) . 

5.1.2  Experimental  results 

The  reaction  orders  for  the  ammonia/nitrogen  dioxide 
reaction  are  determined  by  noting  the  change  in  reaction 
rate  w'.ch  concentration  of  ammonia.  Figure  29,  and  with 
concentration  of  nitrogen  dioxife.  Figure  30,  at  a 
selected  temperature  of  1000°K.  The  reaction  rate  is 
found  to  be  first  order  with  each  reactant,  that  is, 
the  rate  equation  is  found  to  be 

=  -  k[N»>l[NoO 

oX 


Rates  were  measured  in  both  the  2  and  4  [inch]  quartz 
ducts.  While  the  measured  rates  are  approximately  the 
same,  a  higher  overall  activation  energy  is  found  for 
the  smaller  duct.  The  experimental  parameters  are 
summarized  in  Table  27  and  the  rate  constants  calculated 
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from  the  measured  reaction  rates  are  plotted  in  Figures 
59  and  60.  The  Arrhenius  expression  for  the  rate 
constant  calculated  from  rates  measured  in  the  larger 
duct  is 


k  =  1015*85  exp(-33800/RT)  [cc  mo  lessee"1] 


5.1.3  Results  of  other  investigators 

Besides  the  low  temperature  work  of  Falk  and  Pease 
(99,  100) ,  the  only  other  known  investigation  of  the 
ammonia/nitrogen  dioxide  reaction  is  the  work  of  Rosser 
and  Wise  (13) .  These  investigators  measured  the 
reaction  race  in  a  closed  vessel  by  means  of  an  optical 
determination  of  the  disappearance  of  nitrogen  dioxide. 
This  experiment  was  similar  to  their  investigation  of  the 
hydrogen/nitrogen  dioxide  reaction.  As  in  the  present 
investigation,  they  found  the  reaction  to  be  first 
order  with  respect  to  both  nitrogen  dioxide  and  ammonia. 
Their  reported  rate  constant  of 

k  =  1012* 7exp (-27 500/RT)  [cc  mole'1sec"1] 

and  the  results  of  the  present  investigation  are  not  in 
good  agreement.  As  shewn  in  Figure  31,  extrapolation  of 
the  reaction  rates  of  Rosser  and  Wise,  measured  at  lower 
temperatures  than  the  present  experiment,  gives  a  lower  re¬ 
action  rsfce  then  found  in  the  present  experiments.  Since 
the  experiments  were  conducted  at  different  temperatures, 
it  is  difficult  to  establish  whether  the  apparent 
inconsistency  represents  a  change  in  the  reaction 
mechanism  or  is  a  result  of  the  difference  in  measuring 
technique.  The  good  agreement  obtained  between  the 
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present  investigation  of  the  hydrogen/nitrogen  dioxide 
reaction  and  the  work  of  these  two  investigators  on 
the  same  reaction  suggests  that  either  a  change  in  the 
reaction  mechanism  or  interaction  of  thermal  decomposition 
explains  the  difference,  rather  than  a  difference  in 
measuring  technique. 

The  work  of  Rosser  and  Wise  was  complicated  by  a 
parallel  disappearance  of  nitrogen  dioxide  by  thermal 
dissociation,  a  problem  not  encountered  under  the  operating 
conditions  of  the  flow  reactor.  That  their  measured  value 
for  the  decomposition  rate  of  nitrogen  dioxide  (48)  is 
approximately  the  same  as  the  above  rate  for  the  reaction 
of  nitrogen  dioxide  and  ammonia 

k  =  10^*^  exp(-26900/RT)  [cc  mole~^sec 

would  seem  to  raise  some  question  about  the  interpretation 
of  their  results.  Since  they  measure  the  progress  of  the 
reaction  by  the  disappearance  of  nitrogen  dioxife,  it  would 
seem  difficult  to  distinguish  between  the  case  of  ammonia 
and  nitrogen  dioxide  reacting  directly  and  the  case  of 
nitrogen  dioxide  decomposing,  perhaps  only  to  NO  +  O, 
then  reacting  with  ammonia. 

Rosser  and  Wise  found  that  high  pressures  of  inert 
gases,  such  as  Ne,  N2,  and  C02,  had  no  effect  on  the 
reaction.  They  reported  the  primary  reaction  products 
to  be  N2,  NO,  and  H,0,  in  agreement  with  the  present 
observations. 
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5.1.4  Reaction  mechanism 

Rosser  and  Wise  propose  two  reaction  mechanisms 
based  on  the  two  initiation  reactions. 


NH3  +  N02 

— *  NH2  +  HONO* 

R5(l) 

nh3  +  no2 

— NO  +  NH30 

R5  (2) 

The  primary  difficulty  with  their  two  subsequent  reaction 
mechanisms  is  that  they  both  involve  NH2  as  a  primary 
chain  carrier  and  therefore  predict  the  reaction  of  a 
large  fraction  of  the  nitric  oxide.  As  disucssed  in 
Chapter  7  on  hydrazine  reactions,  hydrazine,  unlike 
ammonia,  is  reactive  with  nitric  oxide,  an  effect  probably 
attributable  to  the  presence  of  reactive  NH2  radicals. 

If  the  reaction  of  ammonia  and  nitrogen  dioxide  depends 
upon  NH2  as  a  primary  chain  carrier,  one  would  expect 
that  reduction  of  nitric  oxide  would  also  occur.  No 
such  reduction  of  nitric  oxide  occurs.  Since  the  oxida¬ 
tion  of  ammonia  occurs  primarily  by  hydrogen  abstraction, 
the  formation  of  NH2  radicals  is  an  unavoidable  consequence. 
By  postulating  that  N02  is  more  effective  than  NO  in 
removing  NH2,  a  reaction  mechanism  evolves  which  depends 
strongly  upon  OH  radicals  as  the  primary  chain  carriers. 

In  addition  to  the  first  initiation  step  above,  R5(l), 
the  following  steps  are  suggested. 

HONO*  «— ►  OH  +  NO  R5  (3) 


HONO* 


M 


HONO 


R5(4) 


[130] 


nh2  +  no2 

— HONO*  +  NH 

R5(6) 

NH  +  N02 

— ►  HNO  +  NO 

R5  (7) 

nh2  +  nh2 

— n2  +  h2  +  h2 

R5  (8) 

NH  +  NH 

n2  +  h2 

R5  (9) 

The  second  hydrogen  abstraction,  reaction  R5(6)  is 
endothermic  by  only  14  [kcal];  the  breaking  of  the  second 
N-H  bond  in  ammonia  is  easier  than  the  first  (see 
Table  3) .  On  the  basis  of  a  simplified  scheme  involving 
only  reactions  R5(l),  R5(3),  R5(4),  R5  (5)  ,R5  (6)  and  R5  ( 7), 
the  steady  state  assumption  of  constant  radical  concen¬ 
trations  gives,  for  the  reaction  rate 


<R 


1  + 


The  above  expression  gives  the  right  order  with  respect 
to  the  reactants.  The  overall  activation  energy  is 
that  of  the  initiation  reaction,  R5(5),  if  Y.^  »  2k3k,-. 
If  k^  2k3k^,  the  overall  activation  energy  is 
E  =  “  E4*  Since  —  E$  *  0,  the  overall 

activation  energy  in  this  second  case  would  be  predicted 
to  be  less  than  E^. 

Inclusion  of  the  bimolecular  termination  steps, 
R5(8)  and  R5(9)  in  the  reaction  mechanism  would  serve 
to  reduce  the  overall  activation  energy.  As  discussed 
by  Frost  and  Pearson  (101),  the  apparent  activation 
energy  of  a  chain  propagation  reaction  is 


E  =  E  +  w  (E  —  p  \ 

propagation  initiation  breaking' 
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where  w  is  the  order  of  the  chain  breaking  process 
with  respect  to  the  chain  carrier. 

5.2  AMMONIA/OXYGEN 

The  ammonia/oxygen  reaction  is  very  difficult 
to  initiate  in  the  flow  reacvior  at  temperatures  less 
than  1100°K.  Even  at  these  temperatures  high  oxygen 
concentrations  are  required.  To  obtain  a  measurable 
reaction,  it  is  necessary  to  use  air  as  the  carrier  gas, 
giving  oxiax.^  rich  mixtures. 

5.2.1  Stoichiometry 

That  the  ammonia  is  fully  oxidized  is  evidenced  by 
the  ovserved  heat  of  reaction  which  is  measured  to  be 
74  [kcal/mc'i^  NH3  ] .  This  value  is  in  agreement  with 
a  theoretical  value  of  75.66  [kcal/mole  NH^]  for  the 
reaction 


NH3  +  .7502  — *  1.5H20  +  hS2  R5 (10) 

Additionally,  no  ammonia  is  detected  in  the  infrared 
absorption  spectra  of  a  sample  of  the  reacted  gases. 

5.2.2  Experimental  results 

Since  large  excess  quantities  of  oxygen  are  necessary 
to  obtain  a  measurable  reaction,  it  is  not  possible  to 
determine  the  order  of  the  reaction  with  respect  to 
the  oxygen  concentration.  This  requirement  of  high 
oxygen  concentration  itself,  however,  does  indicate 
a  positive  reaction  rate  order  with  respect  to  oxygen. 

The  rate  dependence  upon  the  ammonia  concentration  is 
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determined  directly  by  noting  the  variation  of  rhe  reaction 
rate  with  ammonia  concentration  at  a  selected  temperature 
of  1163°K.  A  log-log  plot  of  the  rate  versus  ammonia 
mole  fraction.  Figure  32,  shows  a  first  order  dependence 
upon  the  ammonia. 

Reaction  rates  are  calculated  according  to  the  rate 
equation 

<Kmh,T  .  r 

-  -  ktNHvjto,] 

and  che  rate  constant  is  found  to  be 

k  =  10^* exp(-38700/RT)  [cc  mole  ^sec 

Because  of  the  large  excess  of  oxygen,  assumption  of  a 
first  order  rate  dependence  upon  the  ammonia  concentration 
alone  gives  a  comparable  correlation  of  the  experimental 
data.  The  experimental  parameters  are  summarized  in  Table 
28  and  the  experimentally  measured  rate  constants 
presented  in  Figure  61.  Addition  of  up  to  3%  by  volume 
of  nitric  oxide  appears  to  slow  the  measured  reaction 
rate  only  slightly  and  not  as  drastically  as  in  the 
hydrogen/oxygen  experiments. 

5.2.3  Results  of  other  investigators 

Andrews  and  Gray  (102)  in  measurements  of  the  ammonia/ 
oxygen  flame  speed  at  low  pressures,  70mmHg,  found  the 
reaction  to  involve  the  complete  oxidation  of  ammonia 
to  water,  for  stoichiometric  and  oxygen  rich  mixtures. 

They  found  the  flame  speed  to  be  independent  of  the 
pressure  indicating  an  overall  reaction  order  of  two. 
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TABLE  10.  Ammonia  flame  speeds,  Andrews  and  Gray  (102), 
70  mmHg 


H 

tb 

S 

u 

[kcal/mole] 

[°K] 

[cm/sec] 

NH.  +  .750. 

3  *■ 

75.1 

2625 

110 

NH3  +  2N0 

108.1 

2710 

62.5 

Wolfhard  and  Parker  (103)  have  identified  emission  bands 
of  NH2,  NH,  and  OH  in  ammonia/oxygen  flames.  Dows, 
Pimentel,  and  Whittle  (104)  observed  the  ammonia/oxygen 
diffusion  flame  in  the  infra-red  and  detected  OH  as 
the  only  radical.  Hussain  and  Norrish  (105)  report 
a  failure  to  observe  NH  in  studies  of  the  explosive 
oxidation  of  ammonia  for  ammonia  lean  mixtures.  From 
isothermal  experiments  at  525°C,  Verwimp  and  van  Tiggelen 
(106)  report  an  overall  activation  energy  of  about 
50  [kcal/mole]. 

5.2.4  Reaction  mechanism 


From  the  observations  of  other  investigators,  a 
mechanism  based  on  OH  and  NH2  as  the  chain  carriers 
seems  to  be  indicated.  The  proposed  mechanism  is 
close  to  that  suggested  by  Hussain  and  Norrish  (105) . 
The  observation  that  high  oxygen  concentrations  are 
required  to  obtain  a  reaction  suggests  an  initiation 
step  of 


ggBS ' '^T*?aag-’ Sggt  tsaasr 
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NH3  +  02  NH2  +  H02  R5  (11) 

The  proposed  propagation  reactions  are  analogous  to 
those  for  the  ammonia/nitrogen  dioxide  mechanism. 

NH2  +  02  — >  HNO  +  OH  R5 (12) 

OH  +  NH3  — *  H20  +  N2  R5  (13) 

Additional  reactions  proposed  are, 

HNO  — H  +  NO  R5  (14) 

NH2  +  NO  - ►  H20  +  N2  R5  (15) 

Application  of  the  usual  steady  state  analysis  to  the 
above  scheme  gives  for  the  reaction  rate. 


dCNHj 

dt 


w,,(>+  ^tMttoroo 


This  expression  has  the  expected  first  order  dependence 
upon  both  the  ammonia  and  oxygen  concentrations. 

5.3  AMMONIA/NITRIC  OXIDE-OXYGEN 

Attempts  to  obtain  measurable  reaction  rates 
between  ammonia  and  mixtures  of  nitric  oxide  and  oxygen 
ccr  responding  to  decomposed  nitrogen  dioxide  were 
unsuccessful.  Reactant  concentrations  of  up  to  4% 

NH3  and  5%  NO  +  ^02  in  a  nitrogen  carrier  and  tempera¬ 
tures  of  up  to  1200°K  resulted  in  no  observable  exothermic 
reaction  .  These  results  are  consistent  with  a  similar 
failure  to  obtain  reaction  with  ammonia/oxygen  mixtures 
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at  similar  concentrations  and  the  additional  expected 
inhibiting  effect  of  nitric  oxide. 

5.4  AMMONIA/NITRIC  OXIDE 

Similarly,  measurable  reaction  rates  were  not  obtained 
in  mixtures  of  ammonia  and  nitric  oxide  with  concentrations 
of  up  to  4%  ammonia  and  5%  nitric  oxide  in  a  nitrogen 
carrier.  Maximum  temperatures  in  these  attempted  experi¬ 
ments  were  1120?K. 

Andrews  and  Gray  (102)  have  studied  ammonia/nitric 
oxide  flames  at  low  pressures.  They  found  the  reaction 
to  go  to  completion  according  to  the  stoichiometry 

NH3  +  1.5NO  1.5H20  +  1.25N2 

Measured  flame  speeds  show  nitric  oxide  to  be  less 
reactive  than  oxygen  with  ammonia  (Table  10) .  Ammonia 
flame  temperatures  are  sufficiently  high  to  cause 
thermal  dissociation  of  nitric  oxide.  It  is  difficult, 
therefore,  to  establish  whether  the  reaction  of  ammonia 
and  nitric  oxide  requires  decomposition  of  nitric  oxide 
or  can  proceed  by  way  of  a  mechanism  based  on  NH2 
radicals  present  in  the  pyrolysis  of  ammonia.  Un¬ 
fortunately,  in  the  present  experiments,  no  significant 
pyrolysis  of  ammonia  occurs  which  would  allow  the  checking 
of  this  point.  Considering  the  reactivity  of  hydrazine 
and  nitric  oxide  (Section  7.4),  one  would  expect  ammonia 
and  nitric  oxide  to  become  similarly  reactive  at  a 
temperature  where  ammonia  pyrolysis  becomes  significant. 
Jacobs  (41)  suggests  that  a  temper  ature  in  excess  of 
1500°K  is  required. 
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5.5  COMPARISON  OF  AMMONIA  REACTIONS 


Ammonia  was  found  to  be  more  reactive  with  nitrogen 
dioxide  than  with  oxygen.  Since  the  reaction  with  oxygen 
was  carried  out  with  a  large  excess  of  oxygen  while  that 
with  nitrogen  dioxide  was  in  the  stoichiometric  range, 
some  care  is  required  in  comparing  the  reaction  rate 
constants.  Comparison  based  on  an  assumption  of  a  first 
order  dependence  on  oxygen  tends  to  make  the  differences 
in  the  reaction  rates  seem  too  great  because  some  of  the 
oxygen  serves  more  as  a  diluent  than  as  a  reactant. 

Figure  33.  On  the  other  hand,  assumption  of  a  zero 
order  dependence  on  the  oxygen  concentration  tends  to 
underestimate  the  difference  in  reaction  rates.  Figure 
34.  Since  it  is  impossible  to  measure  the  rates  under 
conditions  of  similar  oxidizer  concentrations,  the  best 
that  can  be  said  is  that  the  relative  reaction  rates 
of  the  oxidation  of  ammonia  by  nitrogen  dioxide  and 
by  oxygen  lie  somewhere  between  the  two  values  listed 
below. 


TABLE  11.  Relative  reaction  rates,  ammonia  at  1110  K. 


oxidizer 


NO. 


second  order  first  order 


180 
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7 

1 


NO  +  HO. 


NO 


no  reaction 


no  reaction 
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The  two  reactions  are  quite  similar  in  most  respects. 
In  both  cases ,  observed  orders  with  respect  to  the  ammonia 
are  first.  The  order  of  the  ammonia/oxygen  reaction  with 
respect  to  the  oxygen  could  not  be  determined.  Other 
investigators  have  found  a  first  order  dependence.  This 
is  the  same  oxidizer  dependence  as  was  observed  for 
the  ammonia/nitrogen  dioxide  reaction.  The  overall 
activation  energies  are  similar,  33.8  [kcal/mole]  for 
nitrogen  dioxide  and  38.7  [kcal/mole]  for  oxygen.  These 
similarities  probably  indicate  that  the  mechanisms, 
particularly  the  chain  propagation  steps,  are  similar. 

A  comparison  of  the  proposed  reaction  mechanisms  is 
made  in  Table  12. 

The  difference  in  reaction  rates  is  attributed  to 
the  greater  ease  in  breaking  the  first  N-0  bond  in 
nitrogen  dioxide  as  compared  to  breaking  the  0-0  bond 
in  molecular  oxygen,  72  versus  118  [kcal/mole] . 

The  difference  in  activation  energies  also  reflects 
this  observation.  Nitrogen  dioxide  may  be  considered 
as  a  better  agent  for  abstracting  hydrogen  from  ammonia 
than  oxygen.  The  failure  to  obtain  reaction  with 
nitric  oxide  is  similarly  traceable  to  the  difficulty 
in  breaking  the  N=0  bond. 


TABLE  12'.  Summary  of  reaction  mechanisms,  ammonia  reactions 
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CHAPTER  6  AMMONIA-HYDROGEN  REACTIONS 

As  the  two  reactive  decomposition  products  of 
hydrazine,  ammonia  and  hydrogen  were  studied  in  a 
mixture  consisting  of  a  two  to  one  volume  ratio, 
respectively.  In  addition  to  being  representative 
of  fully  decomposed  hydrazine,  this  mixture  provides 
information  on  the  effect  of  hydrogen  on  the  ammonia 
reactions,  and  of  ammonia  on  the  hydrogen  reactions. 

Since  the  fuel  in  these  studies  is  in  reality  a 
mixture  of  two  reactants,  the  implicit  assumption 
that  the  results  apply  to  a  single  characteristic 
fuel  (decomposed  hydrazine),  while  useful  in  treating 
and  comparing  the  experimental  data,  is  not  accurate. 

The  oxidations  of  the  two  components  of  the  fuel, 
being  only  partially  coupled  through  any  common 
intermediates,  make  interpretations  of  a  reaction  order 
or  overall  activation  energy  questionable.  It  is  recognized 
that  in  some  of  the  oxidations  the  hydrogen  is  likely  to 
be  consumed  more  rapidly  than  the  ammonia.  This  will 
produce  a  changing  hydrogen/ ammonia  ratio  and  further 
complicate  interpretation  of  the  results.  The  primary 
objective  of  the  rate  measurements  was  to  establish  the 
reaction  rate  of  the  mixture  for  comparison  with  the 
reaction  rates  of  hydrogen,  ammonia,  and  hydrazine 
alone.  In  the  following  discussions,  the  term  "ammonia- 
hydrogen"  is  understood  to  refer  to  the  particular 
composition  of  a  two  to  one  volume  ratio. 

6.1  AMMONIA-HYDROGEN/NITROGEN  DIOXIDE 

Since  the  reactions  of  hydrogen  and  of  ammonia  with 
nitrogen  dioxide  have  approximately  the  same  rate  at  the 


» 
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temperatures  of  the  present  experiments  (Figure  46),  no 
division  of  the  reaction  of  the  mixture  into  separate 
steps  is  expected,  nor  is  such  a  separation  found. 


6.1.1  Stoichiometry 


Also,  as  expected,  the  stoichiometry  appears  to 
follow  that  of  the  separate  fuel  components  when  reacted 
with  nitrogen  dioxide,  that  is,  complete  oxidation  of 
the  fuel  to  water  and  partial  reduction  of  the  nitrogen 
dioxide  to  nitric  oxide.  The  stoichiometry  of  the 
mixture  then  is  given  by 

Nils  +  %H2  +  2N02  — ►  2H20  +  1.5N2  +  2N0 

The  predicted  heat  of  reaction  is  77.22  (kcal/mole  NH^  +  Oriole  H2) 
which  is  in  good  agreement  with  the  measured  heat  of 
action  of  77  (kcal/mole  NH^  +  ^ole  H2). 

6.1.2  Experimental  results 

The  reaction  rates  were  measured  in  the  4  (inch) 
quartz  duct  using  a  nitrogen  carrier.  The  experimental 
parameters  are  summarized  in  Table  29.  Some  question 
exists  concerning  the  proper  form  of  the  rate  equation 
considering  the  differences  in  the  rate  equations  used 
for  the  fuel  components  separately.  Summarized,  these 
are:  (1)  the  order  with  respect  to  hydrogen  was  found  to 

be  1.4,  with  respect  to  ammonia  1.0,  (2)  the  order  with 

respect  to  nitrogen  dioxide  was  first  in  both  cases, 
however  (3)  an  inhibiting  effect  of  nitric  oxide  on  the 
hydrogen/nitrogen  dioxide  reaction  was  detected  while  no 
ronounced  inhibition  of  the  ammonia/nitrogen  dioxide 
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reaction  by  nitric  oxide  was  noticed.  A  first  order 
dependence  on  the  nitrogen  dioxide  concentration  and  negative 
first  order  dependence  on  the  initial  nitrogen  dioxide  con¬ 
centration  (equal  to  the  sum  of  the  local  concentration 
of  nitrogen  dioxide  plus  nitric  oxide,  s^o  Section  4-J.2), 
is  equivalent  roughly  to  a  zero  order  dependence  upon 
the  nitrogen  dioxide  concentration.  The  result  holds 
especially  if  there  is  an  excess  concentration  of  nitrogen 
dioxide  over  the  stoichiometric  value.  Ideally,  one 
would  write  a  rate  equation  containing  two  terms. 


At 


-k.fwrtyftMO**}  -k* 


DO14  [kio.T 
Lt40a}+[NO] 


There  is  no  experimental  basis  for  so  separating  the 
reaction  and  appears  to  be  little  basis  for  reconciling 
the  difference  in  reaction  orders  for  the  reactions  of 
hydrogen  and  ammonia  taken  separately.  Therefore,  a 
simple  first  order  dependence  upon  both  the  total  fuel 
concentration  and  the  nitrogen  dioxide  concentration 
is  selected  arbitrarily 


dlNHj  4  •jJlj] 

At 


-  -k[NW*  +  -L 


The  rate  constant  is  calculated  from  the  measured  reaction 
rate  to  be 

23  44 

K  =  10  '  exp  (-65900/RT)  [cc  mole  sec  ] 

The  experimental  data  for  this  reaction  are  presented  in 
Figure  62.  Once  again,  no  particular  chemical  significance 
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is  to  be  attributed  to  this  apparent  activation  energy 
because  the  rate  equation  is  chosen  arbitrarily. 

6.1.3  Results  of  other  investigators  and  reaction  mechanism 

No  other  investigation  of  the  reaction  of  ammonia- 
hydrogen  mixtures  with  nitrogen  dioxide,  or  of  decomposed 
hydrazine,  is  known.  Reference  to  the  previous  two 
chapters.  Sections  4.1.5  and  5.1.4,  reveals  a  basic 
similarity  of  the  two  proposed  reaction  mechanisms.  The 
propagation  steps  of  both  are  postulated  to  depend  strongly 
upon  the  OH  radical.  The  similarity  between  the  initiation 
steps  involving  the  breaking  of  the  hydrogen  bond  to  form 
HONO  and  the  abstraction  of  a  hydrogen  atom  from  ammonia, 
also  to  form  HONO,  is  noted.  A  detailed  comparison  is 
reserved  for  Chapter  8,  in  which  an  attempt  is  made  to 
reconcile  all  of  the  observed  reactions. 


The  study  of  ammonia-hydrogen  and  oxygen 
might  be  expected  to  result  in  a  separation  of  the  reaction 
into  steps  because  of  the  widely  differing  rates  of 
hydrogen  and  ammonia  reaction  with  oxygen.  No  separation 
was  observed.  The  reaction  of  ammonia  and  oxygen  could 
be  studied  only  in  high  concentrations  of  oxygen,  obtained 
through  the  use  of  air  as  the  carrier  gas  instead  of 
nitrogen.  Hydrogen  is  observed  to  accelerate  the 
ammonia  reaction  sufficiently  to  allow  study  of  the  re¬ 
action  at  compositions  only  slightly  oxygen  rich, 
i.e.  0o  = 


.5. 
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6.2.1  Stoichiometry 

The  reaction  is  observed  to  go  to  completion 
according  to  the  stoichiometry 

nh3  +  Hh2  +  o2  — 2H20  + 

as  is  indicated  by  a  measured  heat  of  reaction  of 
106  (kcal/mole  NH^  +  ^moleH^)/  in  good  agreement  with 
the  predicted  value  of  104.56  (kcal/mole  NH^  +  ^H2). 

6.2.2  Experimental  re  .alts 

Once  again  no  attempt  was  made  to  determine  the 
reaction  orders.  The  rate  equation  used  to  reduce  the 
experimental  data  was  selected  arbitrarily  as 


dtm«+±iu1 


-  - +  •$: ^»][0x] 


Experimental  parameters  are  summarized  in  Table  30  and 
the  experimental  rate  constants  plotted  in  Figure  63. 

The  rate  constant  for  the  above  equation  is  found  to -be 

V 

k  =  10^* 64  exp  (-61900/RT)  [cc  mole  ^sec 

While  the  initiation  of  measurable  reaction  between 
ammonia  and  oxygen  cannot  be  obtained  at  temperatures 
up  to  1200°K,  the  addition  of  small  amounts  of  hydrogen, 

[H2]  /  [NH^j  =  .£2,  is  found  to  produce  a  measurable 
reaction  and  results  in  the  complete  oxidation  of  the 

In  a  somewhat  similar  fashion,  at  lower  temperatures 


ammonia. 
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the  addition  of  large  ammounts  of  ammonia,  [NH33/[H2J  55  1, 
is  found  to  quench  the  hydrogen/oxygen  reaction.  While 
the  initiation  and  acceleration  of  the  ammonia/oxygen 
reaction  by  hydrogen  appears  to  be  independent  of  the 
hydrogen  ococentration,  [H^ ] ,  the  retardation  of  the 
hydrogen/oxygen  reaction  by  ammonia  appears  to  be 
in  proportion  to  the  amount  of  ammonia  added.  Since 
initial  reaction  temperatures  are  held  constant  while 
varying  amounts  of  ammonia  are  added,  the  effect  of  the 
ammonia  is  not  a  thermal  one. 

6. 2.3  Results  of  other  investigators  and  reaction 
mechanism 


Even  though  the  hydrogen/oxygen  and  ammonia/ 
oxygen  reactions  have  received  considerable  investigation, 
no  study  of  mixtures  of  the  two  with  oxygen  is  known. 

The  reaction  mechanisms  of  the  two  separate  reactions 
are  quite  different,  particularly  ir  that  the  hydrogen/ 
oxygen  reaction  is  postulated  to  involve  no  chain 
branching.  The  reaction  of  thr:  mixture  of  ammonia- 
hydrogen  with  oxygen  therefore  would  be  expected  to 
involve  a  complex  interaction  of  the  two  reaction 
mechanisms.  The  active  intermediates  of  the  rapid 
hydrogen/oxygen  reaction  would  serve  to  speed  the  slower 
ammonia/oxygen  reaction.  The  retarding  effect  of 
ammonia  upon  the  hydrogen/oxygen  reaction  is  expected 
to  involve  such  "free  radical  draining"  reactions 
as 


NH3  +  OH 

*■ 

H20  +  NH2 

R6(l) 

NH3  +  H 

— 

h2  +  nh2 

R6  (2) 
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While  these  reactions  produce  N^  radicals,  the 
reactions  drain  the  chain  branching  radicals  of  the 
hydrogen/oxygen  reaction,  H  and  OH.  Such  a  "draining" 
effect  would  explain  the  increased  slowing  of  the 
hydrogen/oxygen  reaction  with  increasing  ammonia 
addition.  One  again,  additional  comparisons  art  made 
in  Chapter  8. 

6.3  AMMONIA-HYDROGEN/NITRIC  OXIDE-OXYGEN 


No  measurable  reaction  is  obtained  in  mixtures 
containing  up  to  3%  ammonia-hydrogen  and  up  to  4% 
nitric  xoide-oxygen  at  temperatures  of  up  to  1150°K. 
One  is  tempted  to  conclude  that  the  effect  observed 
is  due  to  inhibition  by  nitric  oxide.  Even  without 
the  presence  of  nitric  oxide,  however,  the  oxygen 
concentration  (less  than  1.3%)  and  temperature  levels 
are  so  low  that  establishment  of  a  measurable  reaction 
is  marginal.  This  failur  to  obtain  a  reaction  is 
consistent  with  the  resulcs  of  the  study  of  the 
ammonia-hydrogen/oxygen  reaction. 

6.4  AMMONIA-HYDROGEN/NITRIC  OXIDE 


No  reaction  between  a  mixture  of  up  to  3%  ammonia- 
hydrogen  and  up  to  5%  nitric  oxide  is  observable  at 
temperatures  of  up  to  1150°K,  as  expected.  Armitage 
and  Gray  (107)  have  measured  flame  speeds  for 
ternary  mixtures  of  hydrogen,  ammonia,  and  nitric 
oxide.  They  found  hydrogen  to  inhibit  the  ignition  $nd 
reduce  the  flame  speed  of  NH^  +  NO  mixtures.  This  obser¬ 
vation  is  quite  unlike  the  observed  effect  of  hydrogen 
on  the  ammonia/oxygen  reaction.  The  reaction  of  ammonia 
and  nitric  oxide  in  c  -.lame  probably  involves  thermal 
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decomposition  of  the  ammonia,  and  possibly  the  nitric 
oxide,  and  therefore  is  quite  different  from  the 
present  observations  of  the  ammonia/oxygen  reaction  in 
a  flow  reactor. 

• "  COMPARISON  OF  AMMONIA-HYDROGEN  REACTIONS 

Since  the  reaction  of  ammonia-hydrogen  with  nitrogen 
dioxide  is  observed  to  be  much  more  rapid  than  with 
oxygen,  and  the  rate  measurements  therefore  made  at 
different  temperatures,  comparison  of  reaction  rates 
at  a  single  temperature  involves  a  large  extrapolation. 
The  rates  as  a  function  of  temperature  are  compared  in 
Figure  35.  The  relative  rates  at  1150°K  are  estimated 
in  the  following  table. 

TABLE  13.  Relative  reaction  rates,  ammonia-hydrogen 
(NH3  +  *sH2)  at  1150°K. 

oxidizer  relative  rate 

N02  550 


NO  +  •  no  reaction 


NO 


no  reaction 


04'  -4ft'  **»•■*»’***  V*  «w»«-  .M=1(i.,-v  N  %  _ 1  *■»*«** 


COMPARISON  OF  AMMONIA-HYDROGEN  REACTION  RATES 


J~P/3  -  4-0  &/- 


* 
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While  the  overall  activation  energies  are  found  to 
be  similar,  65.9  and  61.9  [kcal/mole] ,  no  great  signifi¬ 
cance  is  attributed  to  the  similarity  because  of  the  un¬ 
certainty  in  the  choice  of  reaction  orders,  a  rate  equa¬ 
tion,  and  in  the  meaning  of  the  overall  activation  energy 
for  such  a  "mixed”  reactant. 


^  * 
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CHAPTER  7  HYDRAZINE  REACTIONS 

Since  the  decomposition  of  hydrazine  takes  place 
at  a  rate  which  falls  approximately  midway  within  the  flow 
reactor  measuring  capability,  the  opportunity  existed  to 
attempt  to  study,  hydrazine  reactions  under  conditions  where 
decomposition  was  not  the  major  factor  in  the  reaction, 
where  decomposition  occurred  simultaneously  with  reaction, 
and  where  decomposition  preceded  reaction.  This  attempt 
has  been  successful  in  that  examples  of  each  type  of  re¬ 
action  have  been  observed.  The  reactions  of  hydrazine 
with  nitrogen  dioxide,  oxygen,  decomposed  nitrogen  dioxide 
(NO  +  ho2) ,  and  nitric  oxide  have  been  studied.  In  com¬ 
bination  with  the  previous  measurements  of  hydrazine  de¬ 
composition  in  the  same  apparatus  by  Eberstein  (39),  inter¬ 
pretation  of  the  observed  reaction  rates,  reaction  orders, 
and  overall  reaction  activation  energies  is  made  with  partic 
ular  reference  to  the  role  of  hydrazine  decomposition  in 
its  oxidation. 

7.1  HYDRAZINE/NITROGEN  DIOXIDE 

Of  all  the  reactions  studied,  the  reaction  of  hydra¬ 
zine  and  nitrogen  dioxide  is  the  only  one  to  exhibit  two 
distinct  steps  of  greatly  different  rates.  While  the  re¬ 
action  mechanisms  for  the  other  reactions  studied  are  re¬ 
cognized  to  involve  a  number  of  separate  steps,  these  steps 
take  place  within  the  sam?  time  scale  and  are  indistinguish¬ 
able  in  terms  of  their  effect  upon  the  overall  reaction  rate 
The  reaction  of  hydrazine  and  nitrogen  dioxide,  however, 
proceeds  first  through  a  rapid  reaction  which  is  interpreted 
to  be  the  reduction  of  the  nitrogen  dioxide  to  nitric  oxide 
which  is  then  followed  by  a  second,  slower  reaction,  the 
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reduction  of  the  nitric  oxide.  Each  of  these  steps  is  re¬ 
cognized  to  involve  a  number  of  separate  reactions. 

7.1.1  Stoichiome  try 

The  nature  of  the  reactor  temperature  trace  is  direct 
evidence  that  the  reaction  takes  place  in  two  steps.  All 
other  reactions  studied  in  the  flow  reactor  exhibit  mono- 
tonically  increasing  temperature  profiles  through  the  re¬ 
action  zone  (see  Figure  12).  The  reaction  of  equal  volumes 
(mole  fractions)  of  hydrazine  and  nitrogen  dioxide  pro¬ 
duces  a  temperature  profile  with  two  regions  separated  by 
a  plateau  or  constant  temperature  zone  (see  Figure  36). 

The  corresponding  heats  of  reaction,  which  are  calculated 
from  the  temperature  changes,  are  summarized  below. 


TABLE  14.  Measured  heats  of  reaction  for  hydrazine/ 
nitrogen  dioxide  (kcal/mole  N2H^) 

step  I 


N2H4 

+  no2 

55 

N2H4 

+  4N02 

105 

step  II 

N2h4  t-  NC2 


80 


(154} 


if) 


[snoAmiw]  3Hmvy3diN3i 


FIGURE 


36 


TEMPERATURE  PROFILE,  HYDRAZINE /NITROGEN  DIOXIDE 
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The  compositions  listed  above  are  the  initial  compositions 
and  the  heats  of  reaction  therefore  per  initial  mole  of 
hydrazine.  Since  the  heat  of  reaction  usually  relates 
to  "per  mole  reacted, “  some  interpretation  of  the  above 
is  necessary.  With  excess  nitrogen  dioxide  present,  the 
temperature  profile  exhibits  no  plateau  region  and  all  of 
the  hydrazine  is  consummed  in  a  single  rapid  step,  step  I. 

The  measured  heat  of  reaction  for  this  case,  105  (kcal/mole), 
is  close  to  the  theoretical  heat  of  reaction  for  the  re¬ 
action 


N2H4  +  2N02  -*■  2H20  +  N2  +  2NO 
for  which 

AH°298  ="111-0  [kcal/mole  N2H4] 

From  this  result  and  the  additional  observation  that  the 
pleateau  region  approaches  the  final  temperature  as  the 
amount  of  NC>2  is  increased  and  disappears  at  about  an 
equivalence  ratio  of  0  =  .5,  one  concludes  that  for  the 
stoichiometric  composition,  one  half  of  the  hydrazine  is 
consummed  in  each  step.  The  step  I  heat  of  reaction  is 
then  110  (kcal/mole  N2H4),  calculated  on  the  basis  of  the 
amount  of  hydrazine  consummed,  rather  than  the  55  (kcal/ 
mole)  calculated  on  the  basis  of  the  total  amount  of 
hydrazine  present.  Similarly,  the  heat  of  reaction  for 
step  II  is  now  seen  to  be  160  (kcal/mole  N2H4),  also  based 
on  the  actual  consumption  of  hydrazine.  Complete  oxidation 
of  the  hydrazine  therefore  does  not  occur  according  to 
the  reaction 


N2H4 


2H20  +  2N2 


■i-  2NO 
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for  which 

A  Hf2  98  =“181*5  fkcal/mole  N^) 


The  competing  decomposition  of  hydrazine  results  in  some 
of  the  hydrogen  being  trapped  as  molecular  hydrogen  or 
ammonia. 


n2h4  nh3  +  hn2  +  hu2 

for  which 

AH^gs  =  ~  33.8  [kcal/mole  l^H^J 

The  observed  heat  of  reaction  indicates  that  about  15%  of 
the  hydrazine  decomposes  without  reaction.  This  estimate 
should  not  be  considered  an  accurate  determination  because 
of  the  uncertainty  in  the  hydrazine  flow  measurement.  The 
overall  heat  of  reaction  is  measured  to  be  135  (kcal/mole 
t*lat  is  55  +  89,  which  is  to  be  compared  with  the 
heat  of  reaction  for  the  overall  reaction 

N2H4  +  N02  -*  2H20  +  |  N2 

Ah°298  =  l4^  [kcal/mole  N2H4^ 

The  measured  rates,  discussed  in  the  following  section, 
further  indicate  that  step  I  occurs  without  substantial 
decomposition  of  any  excess  unconsummed  hydrazine  and  that 
step  II  depends  upon  the  decomposition  of  hydrazine.  Addi- 


[157] 


tionally,  the  observed  behavior  of  the  hydrazina/nitric 
oxide  reaction  corresponds  closely  to  the  s  ep  II  hydra¬ 
zine/nitrogen  dixoide  reaction. 

In  summary,  the  reaction  of  hydrazine  and  nitrogen 
dioxide  is  observed  to  take  place  in  two  distinct  steps 
and  is  described  approximately  by  the  following  overall 
reactions . 

step  I 

N2H4  +  N02  — >  ^n2H4  *  H2°  +  N0  +  ^n2 

step  II 

^N2H4  +  NO  -►  H20  +  N2 

step  I  +  step  II 

•  n2h4  +  no2  -*■  2H20  +  n2 

A  detailed  discussion  of  the  plausibility  of  these  steps 
in  terms  of  a  suitable  reavUon  mechanism  is  presented  in 
Section  7.1.4. 

7.1.2  Experimental  results 

Since  the  flow  reactor  is  suited  to  the  study  of 
reactions  with  absolute  rates  occurring  in  the  range  of 
10  to  1000  (sec-1),  with  measurements  most  readily  ob¬ 
tained  in  the  range  of  absolute  rates  of  20  to  100  (sec  ^), 
the  study  of  the  two  steps  of  the  hydrazine/nitrogen  di¬ 
oxide  reaction  necessarily  was  made  in  two  different  temper¬ 
ature  ranges.  It  was  impossible  to  obtain  a  temperature 
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trace  from  a  single  experiment  which  would  yield  satisfactory 
rate  measurements  for  both  steps.  Either  step  II  of  the 
reaction  would  not  reach  a  constant  temperature  (as  re¬ 
quired  for  determination  of  the  reaction  rate)  or  step  I 
would  be  crowded  into  too  short  a  distance  to  allow  accurate 
determination  of  the  rate.”  After  sufficient  runs  had  been 
made  to  establish  the  existence  of  two  steps  in  a  single 
experiment,  the  two  steps  were  studied  separately.  Step  I 
of  the  reaction  was  studied  at  lower  temperatures,  using 
mixtures  containing  excess  nitrogen  dioxide.  Step  II  was 
studied  at  higher  temperatures,  using  approximately  stoichio¬ 
metric  mixtures. 

A  reaction  was  observed,  but  not  measured,  at  very 
low  temperature,  about  400°K,  which  produced  a  heavy  white 
cloud  of  particles. 

7. 1.2.1  Step  I,  reduction  of  nitrogen  dioxide  to  nitric 
oxide 

Sufficient  experimental  data  were  not  obtainable  to 
allow  direct  determination  of  the  reaction  orders  from 
the  variation  of  the  reaction  rate  with  reactant  concen¬ 
tration  at  a  given  temperature.  Therefore,  the  statistical 
approach,  which  allows  the  using  of  rates  measured  at 
all  temperatures  to  determine  the  reaction  orders,  was 
employed.  The  method,  the  results  of  which  are  presented 
in  Figures  37  and  38,  gives  first  order  dependencies 
upon  both  the  hydrazine  and  nitrogen  dioxide  concentrations . 
Reaction  rates  were  measured  in  the  temperature  range  of 
810  4  T  ^  888°K  and  at  equivalence  ratios  of  .2^0  5  .3, 
insuring  that  the  hydrazine  could  be  oxidized  completely 
while  the  nitrogen  dioxide  was  reduced  only  to  nitric 
oxide.  Since  the  experiments  were  conducted  with  approx¬ 
imately  constant  excess  oxidizer  concentrations , the  rate 
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DETERMINATION  OF  REACTION  ORDER  FROM  STATISTICAL 
CURVE  FIT,  HYDRAZINE /NITROGEN  DIOXIDE  (STEP  I ) 
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DETERMINATION  OF  REACTION  ORDER  FROM  STATISTICAL 
CURVE  FIT,  HYDRAZINE /NITROGEN  DIOXIDE  (STEP  I ) 
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constants  could  be  ejpressed  satisfactorily  neglecting 
the  oxidizer  concentration  dependency  which  additionally 
simplifies  comparison  with  other  hydrazine  reactions.  That 
is,  the  standard  deviation  at  b  =  O  is  not  much  greater 
than  at  b  =  1  (see  Figure  38) .  Reaction  rate  constants 
are  calculated  according  to  the  rate  equation 


dLNjJUl 
dt  ~ 


The  experimental  results,  presented  in  Table  31  and 
Figure  64,  yield  the  rate  constant 

k  =  108‘43exp  (-26700/RT)  [sec"1] 

Recall,  however,  that  the  observed  rate  dependency  fol¬ 
lows  a  second  order  rate  equation 


for  which 

k  =  1015*82exp  (-26700/RT)  [ (mole/cc)"1  sec"1] 
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7. 1.2. 2  Step  II,  reduction  of  nitric  oxide 

The  reaction  orders  for  the  second  step  of  the 
reaction  are  determined  directly  from  the  variation  of 
the  reaction  rate  with  concentration  at  a  selected  temper¬ 
ature.  The  dependence  r..~n  the  hydrazine  concentration 
is  found  to  be  slight!''  . c.  than  first  order,  a  =  .9 
figure  39) .  The  dependency  upon  the  oxidizer  concentration 
is  interpreted  to  be  the  order  with  respect  to  nitric 
oxide.  All  of  the  nitrogen  dioxide  is  assumed  to  have 
been  reduced  to  nitric  oxide  in  the  step  I  of  the  reaction. 
Figure  40  shows  a  zero  order  dependency,  b  =  O,  upon 
the  nitric  oxide  concentration.  These  results  are  in 
close  agreement  with  the  results  of  the  investigation  of 
the  hydrazine/nitric  oxide  reaction.  The  experimenta? 
results,  presented  in  Table  31  and  Figure  65,  are  sum¬ 
marized  by  the  following  rate  equation  and  rate  constant 


J[N»M+]  __ 
dt 


ktN.Hq] 


k  =  1010'17  exp (-39600/RT)  [sec-1] 

Once  again,  the  rate  constants  are  presented  on  the  basis 
of  a  first  order  dependency  upon  the  hydrazine  concentration 
(rather  than  .9  order)  to  facilitate  comparison  and  because 
the  correlation  of  experimental  data  is  almost  as  good 
for  a  =  0.9. 
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7. 1.2. 3  Comparison  of  steps  I  and  II 

In  addition  to  the  large  difference  in  reaction 
rates,  other  characteristics  distinguish  the  two  steps 
in  the  hydrazine/nitrogen  dioxide  reaction.  The  second 
step  is  independent  of  the  oxidizer  concentration  while 
the  first  step  shows  a  first  order  dependency.  The  first 
step  shows  an  overall  activation  energy  13  (kc&i/mole) 
less  than  for  the  second  step,  26.7  versus  39.6  (kcal/mole) . 
The  first  step  occurs  at  a  rate  which  is  rmrh  faster  than  the 
rate  of  the  decomposition  of  hydrazine.  The  second  step 
occurs  at  approximately  the  same  rate  as  "wet"  hydrazine 
decomposition  (see  section  7. 1.4.1  and  Figure  45). 

7.1.3  Results  of  other  investigators 

No  other  measurements  of  the  hydraz.ine/nitrogen 
dioxide  reaction  rate  are  known.  No  premixed  flame 
s  udies  are  known,  no  doubt  due  to  the  reactivity  of 
the  species  at  room  temperature.  Several  investigators 
have  studied  the  burning  of  hydrazine  droplets  m  an 
equilibrium  N204  2N02  atmosphere.  Lawver  (1)  reports 

two  flame  gions,  an  "inner  decomposition  flame’  and 
an  "ou  pr  oxidation  flame" .  One  would  conclude  that  the 
mechanics  of  droplet  burning  are  such  as  to  preclude 
the  existence  of  the  step  I  reaction,  that  is,  hydrazine 
decomposition  occurs  prior  to  contact  with  nitrogen  di¬ 
oxide.  One  would  speculate  that  upon  increasing  pressure, 
transition  to  a  ster  I  reaction  might  occur.  Higher  pres¬ 
sures  would  collapse  the  flame  zone  and  favor  the  second 
order  step  I  reaction  over  the  first  order  hydrazine  de¬ 
composition  and/or  first  order  step  II  reaction. 


i  i  kCe  * 
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Wasko  (1C8)  has  observed  the  reaction  of  hydrazine 

-4 

and  nitrogen  tetroxide  vapors  at  low  pressures,  10  mmHg 
and  room  temperature.  As  pressure  was  increased  to  about 
1  mmHg,  the  reaction  changed  from  an  "explosion"  to  a 
"slower  reaction, "  probably  due  to  increased  dilution 
rather  than  a  chemical  effect.  Wilber  et  al  (3)  have  re¬ 
ported  preliminary  results  of  spontaneous  ignition  tests 

of  hypergolic  propellant  systems  at  low  pressures  and 

_2 

temperatures  {10  mmHg  and  room  temperature  {?)),  some 
of  which  included  the  hydrazine/nitrogen  tetroxide  com¬ 
bination.  They  report  only  two  results:  (1)  no  explosion 
and  (2)  an  explosion  which  destroyed  the  reaction  vessel. 
Perlee,  Imhof,  and  Zabetakis  (2)  determined  flammability 
limits  of  liquid  hydrazine,  monomethylhydrazine,  and  unsym- 
metrical  dime thylhydrazine  in  nitrogen  dioxide/air  mixtures 
at  one  atmosphere.  They  observed  ignition  of  hydrazine 
at  25°C  at  as  low  as  8%  by  volume  N02 .  They  also  observed 
the  reaction  to  produce  a  "white  cloud  of  fine  particles," 
apparently  similar  to  the  observation  in  the  present  experi¬ 
ments  at  temperature  of  about  125°C. 

The  most  thorough  investigation  of  hydrazine/nitrogen 
tetroxide  ignititn  appears  to  have  been  that  of  Skinner, 
Hedley,  and  Snyder  (4).  The  ignitions  of  both  diluted 
vapor  streams  and  of  hydrazine  droplets  in  an  atmosphere 

containing  nitrogen  dioxide  vapor  were  studied  at  tern- 

o 

peratures  of  75  C.  The  failure  to  find  an  inhibitor  for 
the  reaction  led  the  investigators  to  conclude  that  the 
reaction  mechansim  was  thermal  rather  than  chain  branched. 
The  white  solid  produced  in  the  pre-ignition  (low  temper¬ 
ature)  reaction  was  identified  as  ammonium  nitrate.  In 
spectroscopic  studies  of  the  diffusion  flame,  the  dominant 
feature  was  found  to  be  the  emission  spectrum  of  NH2 •  The 
presence  of  NH  and  OH  were  also  detected.  The  analysis 


1167] 


of  the  gaseous  products  from  a  stirred  reactor  burning 
equal  mole  per  cent  of  hydrazine  and  nitrogen  dioxide  (up 
to  6%  each)  in  argon  revealed  the  primary  products  to  be 
nitrogen  and  nitric  oxide  with  the  reaction  going  to  a 
maximum  of  67%  completion.  No  provision  was  made  for  de¬ 
tecting  water. 

7.1.4  Reaction  mechanism 

The  mechanisms  by  which  the  reactions  take  place  for 
the  two  cteps  are  basically  different.  The  step  I  reaction 
takes  place  under  conditions  which  indicate  that  dissociation 
of  the  hydrazine  and/or  breaking  of  the  N-N  bond  in  the 
hydrazine  molecule  do  not  play  a  major  ie.  The  step  II 
reaction,  however,  depends  upon  dissociation  of  the  hydra¬ 
zine,  in  particular,  the  breaking  of  the  N-N  bond. 

7. 1.4.1  Step  I,  reduction  of  nitrogen  dioxide  nitric 
oxide 

In  comparing  the  reaction  of  hydrazine  and  nitrogen 
dioxide  to  the  decomposition  of  hydrazine,  one  should 
note  the  role  of  water  in  slowing  hydrazine  decomposition. 
Eberstein  (39)  found  that  small  amounts  of  water,  (less 
than  one  per  cent  by  volume,  slowed  the  decomposition  of 
hydrazine  by  a  factor  of  about  10  (see  Figure  45).  Since 
in  the  present  experiments,  water  is  always  present  as  a 
reaction  product  in  concentrations  exceeding  this  amount, 
this  same  inhibiting  effect  should  be  operative.  The 
step  I  reaction  proceeds  at  a  rate  exceeding  the  decom¬ 
position  rates  of  both  "wet  and  "dry"  hydrazine.  The  break¬ 
ing  of  the  N-N  bond  ir.  hydrazine  requires  60  (kcal/mole) 

(14)  and  the  decomposition  of  hydrazii  e  proceeds  with  an 
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overall  activation  energy  of  about  36  (kcal/mole)  (21/39). 
The  even  lower  activation  energy  of  the  step  I  reaction, 
26.7  (kcal/mole),  therefore  indicates  that  the  step  I  re¬ 
action  proceeds  largely  without  dependence  upon  hydrazine 
decomposition  or  breaking  of  the  hydrazine  N-N  bond. 

The  mechanism  proposed  depends  primarily  upon  the 
stripping  of  hydrogen  atoms  from  N2H4  and  molecules. 

The  susceptibility  of  hydrazine  to  such  attack  has  been 
demonstrated  by  Gray  and  Thyne  (26)  in  studies  of  H-atom 
abstraction  from  N-H  bonds  by  methyl  radicals.  They  found 
hydrazine  to  be  300  times  more  reactive  than  ammonia  in 
this  regard.  The  initiation  step  herein  is  postulated  to 
involve  such  a  hydrogen  abstraction  reaction  to  form  HONO 
which  subsequently  decomposes  to  give  OH  and  NO. 


N2H4  +  N02  — N2H3  +  HONO 

MONO  — OH  +  NO 


R7  (1) 

R7  (2) 


A  second  hydrogen  abstraction  should  proceed  almost  as 
readily  as  the  first 


N2H3  +  N02  -h*  N2H0  +  HONO 

R7  (3) 

Other  important  reactions  are  postulated  to  be  hydrogen 
abstraction  by  OH  radicals. 


N2H4  +  OH 


n2h3  +  h2o 


R7  (4) 
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N2H3  +  OH  N2H2  +  H20 

R7  (5) 

the 

reactions. 

N2H2  —  N2  +  H2 

R7  (6) 

H2  +  OH  -*•  H20  +  H 

R7(7) 

N02  +  H  — >  OH  +  NO 

R7  (8) 

and 

additional  hydrogen  c-  fractions  by  H  atoms. 

N2H4  +  H  N2H  3  +  H2 

R7  (9) 

N2r3  ♦  H  N2H2  +  H2 

R7  (10) 

T'_.*ing  a  simplified  model  based  on  the  first  five  reactions, 
R7 (1 )  to  R7(5),  which  are  likely  to  be  the  rate  controlling 
steps,  and  making  the  usual  steady  state  assumption,  the 
concentrations  of  the  intermediates  are  found  to  be 
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Since  the  specie,  M,  in  reaction  R7(2)  is  most  likely 
the  inert  carrier  nitrogen  and  has  a  nearly  constant  con¬ 
centration,  we  can  substitute 

k*  =  k2  [MJ 


The  reaction  rate  is  then 

-  (k,-  [N^ltNO.l 


which  demonstrates  the  experimentally  observed  first  order 
dependence  upon  both  hydrazine  and  nitrogen  dioxide. 

Since  one  would  expect  the  OH  radical  to  be  more  ef¬ 
fective  than  nitrogen  dioxide  in  the  hydrogen  abstraction 
reactions,  the  second  term  in  the  rate  constant  is  as¬ 
sumed  to  be  small  compared  to  the  first.  The  observed 
rate  is  expected,  therefore,  to  be  characteristics  of 
the  rate  of  abstraction  of  hydrogen  from  hydrazine  by 
nitrogen  dioxide.  As  would  be  expected,  the  r ate  is 
much  less  than  observed  by  Gray  and  Thyne  (16)  for  the 
similar  reaction 

n2h4  +  ch3  — ^  n2h3  +  ch4 

7.1.4. 2  Step  II,  reduction  of  nitric  oxide 

The  observed  reaction  of  hydrazine  with  nitric  oxide 
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a$d  the  failure  to  observe  the  reaction  of  hydrogen  or 

1  f 

ammonia  with  nitric  oxide  has  been  attributed  to  the  re¬ 
activity  of  nitric  oxide  with  NH2  and  NH  radicals  (71, 

109,  25,110).  Since  decomposition  of  hydrazine  is  postu¬ 
lated  to  proceed  largely  by  the  breaking  of  the  N-N  bond 
and  thereby  produce  a  supply  of  NH2  and  NH  radicals,  the 
observation  that  the  step  II  hydrazine/nitrogen  dioxide 
and  the  hydrazine/nitric  oxide  reactions  have  the  same 
rate  as  for  inhibited  hydrazine  decomposition  is  consistent 
with  the  proposed  mechanism.  While  sufficient  water  is 
present  as  a  reaction  product  in  the  present  experiments 
to  inhibit  the  hydrazine  decomposition,  the  nitric  oxide, 
as  a  scavenger  of  NH2  and  NH  radicals,  similarly  would 
be  expected  to  inhibit  hydrazine  decomposition.  It  is 
difficult  to  establish  which,  if  either,  inhibition  mode 
predominates  in  the  present  experiments. 

The  decomposition  of  hydrazine,  which  was  discussed 
in  Section  2.1.2,  plays  a  major  role  in  the  mechanism  of 
the  hydrazine/nitric  oxide  reaction.  Important  steps  in 
hydrazine  decomposition  are  summarized  below. 


N2H4 

M 

nh2 

+  nh2 

R7 

(ID 

N2H4 

f 

<N 

+ 

Va  +  ^3 

R7 

(12) 

N2H3 

~^m2  + 

NH 

R7 

(13) 

N2H3 

+  tW2  — 

n2h2  +  nh3 

R7 

(14) 

N2H2 

-*N2  + 

H2 

R7 

(15) 

i 
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The  radical,  NH,  would  participate  in  abstraction  re¬ 
actions  similar  to  R7(12)  and  R7(14);  however,  since 
[NH]  «  [NH23  (39)  such  reactions  are  of  secondary  im¬ 

portance  . 

The  weaker  N-H  bond  in  hydrazine,  as  compared  to 
the  N-H  bond  in  ammonia  or  the  H-H  hydrogen  bond,  might 
provide  a  route  for  hydrazine/nitric  oxide  reaction  through 
hydrogen  abstraction  to  form  HNO.  The  failure  to  observe 
a  low  cemperature,  "step  I  '  reaction,  however,  contrain¬ 
dicates  this  possibility.  Rather,  the  reaction  of  nitric 
oxide  and  the  amine  radical  to  form  nitrosamine  and  its 
subsequent  decomposition  are  postulated. 


NO  +  NH2  -*>  H2NNO 

H2NNO  -*>  HN2  +  OH 
HN2  ->  H  +  N2 


R7  (16) 
R7  (17a) 
R7  (17b) 


as  is  a  similar  reaction  with  the  amide  radical. 


NO  +  NH  — HNNO  R7  (18) 

HNNO  -*•  OH  +  N2  R7  (19) 

Also  postulated  is  the  reaction 


N_H .  +  OH  — *  Ho0  +  N_H_ 
2  4  2  2  3 


R7  (20) 


The  mechanism  is  a  complex  cne  and  does  not  lend  itself 
to  ready  simplifications.  The  steady  state  solution  may 
be  obtained  for  two  extreme  cases  involving  the  reaction 
of  n2H3*  all  N2H3  disappears  by  dissociation,  ie.  k 
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d[No) 

<H 


-2ku 


k,x 

kit  Ci^c] 


If,  on  the  other  hand,  all  is  consumed  by  hydrogen 

abstraction,  ie.  =  0, 


dD&ol . 

dt 


{ 


ktb  INOI 


Since  R7(16)  is  a  radical-radical  reaction  and  R7(12)  is 
an  abstraction  reaction,  k^6  »  k12.  Hence,  for  both 

cases 


dOol  ^ 
d*t 


-akll[i4>Hq] 


Reactions  R7(3)  and  R7 (4)  are  probably  both  important. 
The  disappearance  of  HO  shows  the  observed  approximately 
first  order  dependence  on  hydrazine  and  no  dependence  on 
nitric  oxide .  The  mechanism  predicts  an  increase  in  the 
overall  activation  energy  compared  to  simple  hydrazine 
decomposition,  because  of  the  increased  role  of  the 
breaking  of  the  60  (kcal/mole)  hydrazine  N  -N  bond;  this 
effect  is  observed. 

7.2  HYDRAZ INE/OXYGEN 

The  hydrazine/oxygen  reaction,  unlike  the  previous* 
reaction,  exhibits  a  single  characteristic  reaction  rate, 
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as,  indeed,  is  observed  for  all  other  of  the  i  jtions 
studied. 

7.2.1  Stoichiometry 

The  heat  of  reaction  is  measured  to  be  135 
(kcal/mole  N2H4)  which  is  in  fair  agreement  with 
the  heat  of  reaction  for  the  complete  oxidation  of 
hydrazine 

N,I1h  +  Ox  — *  4  N x 

r  -  1^0-  *4  CkooJ/rwole. 

7.2.2  Experimental  results 

Reaction  rates  were  measured  in  a  four  inch  quartz 
duct  at  equivalence  ratios  of  .2  £  0  £  .5,  or  in  the 

oxidizer  rich  region.  The  reaction  order,  determined 
from  the  variation  in  the  reaction  rate  at  1000°K  with 
the  concentration  of  reactants,  .is  shown  to  be  first 
order  with  respect  t.o  the  hydrazine  (Figure  41)  and 
zero  order  with  respect  to  the  oxygen  (Figure  42).  The 
experimental  parameters  and  rates  are  summarized  in 
Table  32  and  Figure  66.  According  to  the  rate  equation. 


-kCiMM 

At 


HYDRAZINE  MOLE  FRACTION, X.p  u 

’  N2H4 


>  HYDRAZINE  /OXYGEN  REACTION  RATES, T=  1000°  K, 

^  DEPENDENCE  ON  HYDRAZINE  CONCENTRATION 


FIGURE 


RATE 
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HYDRAZINE /OXYGEN  REACTION  RATES,T*I0008K, 
DEPENDENCE  ON  OXYGEN  CONCENTRATION 


FIGURE  42 
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the  rate  constant  is  found  to  be 


ks  io<,AI  exp  (-y?2oo/«.r}  [sec”'] 


7.2.3  Results  of  other  investigators 

Gray  and  Lee  (25)  in  studies  of  hydrazine/oxygen 
flames,  measured  flame  speeds  greater  than  those  for 
hydrazine/nitric  oxide  or  for  the  hydrazine  decomposition 
flame.  While  the  high  h^at  of  reaction  and  resulting 
higher  temperature  account.,  for  the  greater  rate  of  the 
hydrazine/oxygen  flame  over  the  hydrazine  decomposition 
flame,  their  results  show  oxygen  to  be  more  reactive  than 
nitric  oxide  with  hydrazine. 

TABLE  15.  Hydrazine  flame  speeds.  Gray  and  Lee  (25), 40  mmHg 


AH, 

tb 

su 

kcal/mole 

°K 

cm/sec 

N2H^  (decomposition) 

33.7 

1904 

110 

N2H4  +  °2 

138.3 

2700 

280 

N2H4  +  21-10 

181.5 

2745 

245 

They  propose  that  the  oxidation  and  decomposition  occur 
simultaneously.  Hussain  and  Norrish  (105)  have  made 
spectroscopic  studies  of  the  low  temperature  explosive 
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oxidation  of  hydrazine  induced  by  flash  photolysis.  They 
conclude  that  the  major  reaction  "giving  rise  to  nitrogen 
as  a  product"  does  not  involve  breaking  of  the  N  -N  bond. 
Hall  and  Wolfhard  (24)  attribute  an  observed  two  stage 
hydrazine/oxygen  flame  to  a  decomposition  zone  followed 
by  oxidation.  The  observations  of  Gray  and  Lee  (25)  led 
them  to  conclude,  however,  that  a  two  stage  process  is 
not  likely  for  the  hydrazine/oxygen  flame.  No  common 
role  for  the  decomposition  of  hydrazine  has  been  agreed 
upon  by  past  investigators.  While  Michel  and  Wagner  (32) 
report  that  mixture  ratios  of  >  2, 

accelerate  hydrazine  decomposition,  their  expe  riments 
performed  in  a  shock  tube,  reflect  only  the  initiation 
of  decomposition.  Any  such  effect  in  the  present 
studies  would  be  masked  by  the  inhibition  of  decomposition 
by  product  water. 

7.2.4  Reaction  mechanism 

The  present  experiments  indicate  that  decomposition 
and  oxidation  are  occurring  simultaneously.  The  reaction 
rate  lies  between  that  observed  for  hydrazine  and  for 
"wet"  hydrazine  and  exhibits  an  overall  activation 
energy  close  to  that  for  hydrazine  decomposition, 

37.2  (kcal/mole)  for  the  hydrazine/oxygen  reaction 
versus  36.2  (kcal/mole)  for  hydrazine  decomposition. 

That  the  reaction  is  observed  to  be  first  order  with 
respect  to  hydrazine  and  to  exhibit  little  dependence 
upon  the  oxygen  concentratic  n  favors  a  strong  role  for 
hydrazine  decomposition. 

The  mechanism  is  necessarily  complex;  the  reactions 
which  are  felt  to  be  the  most  important  are  discussed  below. 
Initiation  of  the  reaction  is  likely  to  occur  primarily 
through  fission  of  the  hydrazine  N  -N  bond* 


KflRr. 
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M 

n2h4  — ►  nh2  +  nh2 


R7  (21) 


In  addition,  the  hydrogen  abstraction  reaction 

N2H4  +  °2  — *  H02  +  N2H3  R7  (22) 

is  a  second  initiation  possibility.  Propagation  can  then 
occur  by 


NH2  +  02  — ►  HNO  +  OH 

R7  (23) 

OH  f  N2H4  ->  H20  +  N2H3 

R7  (24) 

nh2  +  n2h4  —  nh3  +  n2h3 

R7  (25) 

The  last  reaction  is  a  step  characteristic  of  hydrazine 
decomposition.  Fission  of  the  N2H3  molecule,  in  the 
following  chain  branching  reaction,  would  further  add 
to  the  hydrazine  decomposition  character  of  the  overall 
re  -:tion 


N2H3  NH2  +  NH  R7  (26) 

while  futher  hydrogen  abstractions  from  this  same 
molecule 


N2H3  +  °2 

— »  *^2^2  ^ 

R7  (27) 

n2h3  +  OH 

—  h2°  +  n2h2 

R7  (28) 

N2H3  +  °2 

— >  OH  +  NH2N0 

R7  (29) 

favor  the  "oxidation 

"  character  of  the 

reaction. 

{ 


i 


-  — 
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Suggested  possible  termination  reactions  are 


NH  +  HNO 

— ►  NH2N0 

R7  (30) 

HH2  +  NO 

— NH2N0 

R7  (31) 

H.,0  +  N- 
z  2 

R7  (32) 

OH  +  NO  - 

— ►  HONO 

R7  (33) 

n2h2  -* 

U2  +  H2 

R7  (34) 

HNO  +  OH 

—*■  H20  +  NO 

R7  (35) 

Additionally,  since  hydrazine  decomposition  will  result 
in  the  formation  of  hydrogen  and  vnmonia,  the  reactions 
which  occur  between  these  species  and  oxygen  will  take 
place  also  in  the  hydrazin Voxygen  reaction. 

Taking  a  simplified  system  of  reactions  based  on 
equations  R7  (21 ) ,  R7  (23 ) ,  R7  (24 ) ,  R7  (25 ) ,  R7  (26 ) ,  and 
R7  (29)  above  and  making  the  usual  steady  state  assumption, 
the  rate  is  found  to  be 


•H 


The  steady  state  solution  is  simplified  by  using  the 
disappearance  of  the  oxidizer  to  describe  the  reaction  rate, 
rather  than  the  disappearance  of  the  fuel  as  has  been 
used  previously.  The  experimental  results  indicate 
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The  above  expression  {page  180)  shows  only  a  weak  dependence  on 
the  oxygen  concentration  and  a  somewhat  less  than 
first  order  dependence  on  the  hydrazine  concentration, 
both  consistent  with  the  experimental  observations. 

"7.3  HYDRAZINE/NITRIC  0XIDE-0XYv..c,N 

The  reaction  of  decomposed  nitrogen  dioxide 
(a  mixture  of  2  parts  nitric  oxide  to  one  part 
oxygen)  with  hydrazine  was  studied  in  an  attempt 
to  obtain  direct  evidence  of  the  effect  of  nitrogen 
dioxide  decomposition  on  its  subsequent  reaction  with 
hydrazine.  The  decomposition  of  nitrogen  dioxide  was 
obtained  by  injection  of  the  nitrogen  dioxide  upstream 
of  the  carrier  gas  heat  exchangers. 

7.3.1  Stoichiometry 

Because  of  the  range  of  equivalence  ratios 
studied,  .15  £  0  £  .45,  sufficient  molecular 
oxygen  was  present  in  all  cases  to  effect  the  complete 
oxidation  of  the  hydrazine  and/or  its  decomposition 
products  without  the  reaction  of  any  of  the  nitric 
oxide.  That  oxygen  is  the  primary  oxidizer  is 
evidenced  by  several  observations.  The  measured  heat 
of  reaction  is  found  to  be  about  130  (kcal/mole  ^H^) 
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which  is  closer  to  the  reaction  of  hydrazine  and  oxygen, 

138  (kcal/mole  N2H4),  than  to  the  reaction  of  hydrazine 
and  nitric  oxide,  181.5  (kcal/mole  ^H^).  No  two  step 
reaction  was  observed.  The  reaction  rates  are  close  to 
those  of  hydrazine  and  oxygen.  The  experimental  results 
represent,  then,  the  effect  of  nitric  >xide  on  the 
hydrazine/oxygen  reaction,  according  to  the  probable 
overall  stoichiometry 

N0H,  +  0o  +  2N0  —►  2H-0  +  N»  +  2N0 

2  4  2  2  2 

7.3.2  Experimental  results 

Reaction  rates  were  measured  in  the  4  (inch) 
quartz  reactor  duct  and  rate  constants  calculated 
according  to  a  first  order  reaction  with  respect  to 
hydrazine 

cR 

The  experimental  parameters  are  summarized  in  Table  33 
and  the  rate  constants  plotted  in  Figure  67.  The  rate 
constant  expression  for  the  above  rate  equation  is 

k  =  1010*35  exp(-39100/RT.:  [sec*1] 

7.3.3  Results  of  other  investigators  and  reaction  mechanism 

While  no  other  investigations  of  the  reaction  of 
hydrazine  and  mixtures  of  nitric  oxide  and  oxygen  are 
known,  the  work  on  the  reaction  of  each  of  the  oxidizers 
separately  with  hydrazine  does  pert  tin  and  is  discussed 
elsewhere  in  the  present  chapter.  Ix.  is  to  be  noted 
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that  a  mixture  of  nitric  oxide  and  oxygen  is  peculiar 
to  the  present  experiment  in  which  the  oxidizer  can  be 
held  at  relatively  high  temperature  before  the  reaction 
begins.  At  lower  induction  *.emperatures,  as  associated 
with  a  premixed  gas  burner,  the  presence  of  oxygen  would 
cause  the  conversion  at  nitric  oxide  back  to  nitrogen 
dioxide . 

The  reaction  mechanism  is  postulated  to  be  that  of 
the  hydrazine/  oxygen  reaction  and  therefore  is  not 
repeated  nere.  The  failure  of  the  nitric  oxide  to 
affect  the  reaction  rate  is  somewhat  surprising 
and  requires  some  comment.  By  acting  as  a  sink  for 
NH2  radicals,  nitric  oxide  should  slow  the  decomposition 
of  hydrazine  and  therefore  slow  the  hydrazine/oxygen 
reaction.  The  explanation  may  lie  in  the  subsequent 
decomposition  of  nitrosamine,  reactions  R7 (17a)  and 
R7  (17b) ,  which  is  postulated  to  produce  OH  and  H 
radicals.  This  effective  trading  of  NH2  radicals  for 
OH  and  H  radicals  could  reasonably  account  for  the  failure 
of  nitric  oxide  to  affect  the  hydrazine/oxygen  reaction 
rate.  It  is  observed  that  oxygen  increases  the  hydrazine 
decomposition  rate,  probably  by  injecting  excess 
radicals  produced  in  the  reaction  of  oxygen  with  the 
hydrazine  decomposition  fragments.  The  effect  on 
hydrazine  decomposition  of  OH  and  H  radicals  produced 
by  the  decomposition  of  nitrosamine  could  balance  the  NH2 
draining  effect  of  nitric  oxide. 

7.4  HYDRAZINE/NITRIC  OXIDE 


The  reaction  of  nitric  oxide  and  hydrazine  was 
discussed  in  section  7.1  as  the  "step  II"  of  the  hydrazine 
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conducted  "directly"  upon  the  hydrazine /nitric  oxide 
reaction.  It  was,  indeed,  the  comparison  of  these  two 
sets  of  experiments  that  led  to  the  conclusion  that  the 
step  II  hydrazine/nitrogen  dioxide  reaction  was  the 
reaction  of  hydrazine  and  nitric  oxide.  The  hydrazine/ 
nitric  oxide  reaction  is  particularly  interesting  in 
that  nitric  oxide  shows  no  reactivity  toward  hydrogen, 
ammonia,  or  mixtures  of  hydrogen  and  ammonia  under 
conditions  in  which  it  reacts  with  hydrazine. 

7.4.1  Stoichiometry 

As  might  be  expected,  the  reaction  fails  to  go 
to  completion;  the  hydrogen  is  not  oxidized  completely 
to  water.  measured  heat  of  reaction  is  about 

160  (kcal/itK.  ..  n2H4^'  somewhat  below  the  predicted 
value  of  181  (kcal/mole  N2H4)  for  the  reaction 

N2H4  +  2NO  2H20  +  2N2 

The  measured  heat  of  reaction  is  in  agreement  with 
that  measured  for  the  step  II  hydrazine/nitrogen  dioxide 
reaction.  As  in  that  case,  the  observation  is  interpreted 
to  indicate  that  some  of  the  hydrazine  is  disappearing 
by  the  less  energetic  decomposition,  34  (kcal/mole  N2H4), 


N2H4  —  NH3  +  +  ^2 

and  that  the  ammonia  and  hydrogen  so  formed  are  not 
reacted.  Based  on  the  observed  heat  of  reaction, 
approximately  85%  of  the  hydrazine  is  consumed 
through  reaction  with  nitric  oxide  while  15%  decomposes 
without  reaction,  ie.  oxidation  res. 1 ting  in  the 
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appearance  of  hydrogen  as  -water  and  ammonia  as 
molecular  nitrogen  and  water. 

7.4.2  Experimental  results 

Reaction  orders  are  determined  directly  from  the 
dependence  of  the  reaction  rate  upon  concentration  at 
a  selected  reaction  temperature.  Dependence  upon 
hydrazine  concentration  is  found  to  be  a  =  .75,  Figure  43, 
and  upon  nitric  oxide,  to  be  b.  =  o,  Figure  44.  Initial 
equivalance  ratios  investigated  are  .3  £  0q  ^  1.0. 
According  to  the  rate  equation. 


dt 


.IS 


the  rate  constant  is  determined  to  be 


I0t  40  e*p(  -  *o?oo/r.iO  [cc  molts  S 

Experimental  parameters  are  summarized  in  Table  34  and 
reaction  rate  constants  presented  in  Figures  68  and  69. 
The  measured  rates  and  observed  reaction  orders  are  in 
good  agreement  with  the  step  II  hydrazine/nitrogen 
dioxide  results. 

7.4.3  Results  of  other  investigators 

Hydrazine/nitric  oxide  flames  have  been  studied 
by  Gray  and  Lee  (25)  and  by  Hall  and  Wolfhard  (24). 
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FIGURE  43 
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Both  pairs  of  investigators  performed  their  experiments 
at  low  pressures,  40  and  30  to  150  mmHg,  respectively. 

Gray  and  Lee  measured  flame  speeds  and  found  nitric 
oxide  to  be  less  reactive  than  oxygen.  Hall  and  Wolfhard, 
from  visual  and  spectroscopic  investigations  of  the 
flame  structure,  concluded  that  a  two  stage  reaction 
occurs,  that  is,  decomposition  followed  by  oxidation. 

7.4.4  Reaction  mechanism 

A  proposed  reaction  mechanism  has  been  discussed 
in  Section  7. 1.4. 2.  While  the  measured  rates  are 
approximately  the  same  in  the  present  reaction  and  the 
step  II  hydrazine/nitrogen  dioxide  reaction,  an  apparent 
difference  in  the  overall  activation  energies  exists. 

For  hydrazine/nitric  oxide  and  the  step  II  hydrazine/nitrogen 
dioxide  reactions,  the  overall  activation  energies  are 

45.4  and  39.6  (kcal/mole  N2H4),  respectively,  where  the 
ra+'e  constants  are  both  calculated  on  the  basis  of  a 
first  order  dependence  upon  the  hydrazine  concentration. 

If  the  first  case  is  calculated  on  the  basis  of  a  .75 
order  dependence  upon  the  hydrazine  concentration  as  is 
found  to  be  more  representative,  the  reverse  trend 
occurs,  that  is  30.7  versus  39.6  (kcal/mole  N2H^).  As 
an  example,  this  state  of  affairs  points  out  the 
difficulty  in  comparing  overall  activation  energies  of 
reactions  with  different  reaction  orders.  One  would 
expect  from  the  proposed  mechanism  that  the  role  of  NO 
as  a  free  radical  sink  would  place  a  greater  dependence 
upon  the  breaking  of  the  N  -N  bond  in  hydrazine  and 

therefore  s.erve  to  increase  the  overall  activation 
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energy  for  the  hydrazine  nitric  oxide  reaction.  Since 
the  rate  of  this  reaction  was  measured  at  higher  nitric 
oxide  concentrations  than  the  step  II  hydrazine/nitrogen 
dioxide  reaction,  one  might  expect  such  an  increase  in 
activation  energy.  That  such  an  effect  actually  is 
occurring  is  difficult  to  establish  because  of  the  problem 
of  comparing  the  overall  activation  energies  for  reactions 
exhibiting  different  orders. 

The  cause  of  the  different  dependence  _port  the 
hydrazine  concentration  also  is  difficult  to  predict 
from  a  reaction  mechanism,  especially  since  the  two 
cases  represent  almost  identical  conditions  of  temperature 
and  reactant  concentrations.  The  product  water  concentra¬ 
tion  would  be  greater  in  the  step  XI  fiydrazi'ne/ni'trogen 
dioxide  than  in  the  hydrazine/nitric  oxide  reaction  and 
may  account  for  the  observed  differences. 

7.5  COMPARISON  OF  HYDRAZINE  REACTIONS 

Because  of  the  widely  varying  reaction  rates  of 
hydrazine  v/ith  the  different  oxidizers  studied,  comparison 
at  a  single  temperature  involves  substantial  ex tr ape 1 at ion, 
in  particular  of  the  step  I  hydrazine/nitrogen  dioxide 
reaction  rates.  While  no  data  were  obtained  which 
would  allow  accurate  determination  of  the  rate  of  the 
reaction  at  1000°K,  the  reaction  was  observed  to  take 
place  at  this  temperature  at  a  very  rapid  rate  and  to 
proceed  with  a  rate  roughly  as  predicted  by  extrapolation 
of  the  rate  measured  in  the  810  to  880°K  temperature 
range.  The  reaction  rates  are  ordered  in  the  following 
table. 
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Table  16. 


Relative,  reaction  rates,  hydrazine  reactions 
at  1000°K 


oxidizer 
NC>2  (step  I) 
decomposition  (39) 

°2 

no  +  ho2 

decomposition  "wet"  (39) 
NO 

N02  (step  II) 


relative  rate 
18 
9 
2 
2 
1 
1 
1 


In  another  form,  the  hydrazine  reaction  rates  as 
a  function  of  temperature  are  compared  graphically  in 
Figure  45.  For  this  comparison  the  rates  for  all  reactions 
have  been  calculated  on  the  basis  of  a  first  order 
dependence  upon  the  hydrazine  concentration.  A  final 
comparison  o,f  the  observed  reaction  orders  and  overall 
activation  energies  is  made  in  Table  17.  Examination 
of  Tables  16  and  17  and  of  Figure  45  in  light  of 
abbreviated  versions  of  the  proposed  reaction  mechanism, 
summarized  in  Table  18  reveals  several  interesting 
results. 

(1)  The  step  I  reaction  of  hydrazine  and  nitrogen 
dioxide  stands  apart  from  the  other  hydrazine  reactions 
in  many  respects.  Its  rate  is  the  fastest  of  those 
reactions  studied  and  exceeds  the  decomposition  rate  of 
hydrazine.  It  exhibits  a  much  lower  overall  activation 
energy  than  any  of  the  other  reactions.  The  high 
reactivity  of  hydrazine  and  nitrogen  dioxide  is  not  the 
result  of  a  chain  branching  mechanism  but  is  attributed 
to  the  high  effectiveness  of  nitrogen  dioxide  in 
hydrogen  abstraction.  Similarly,  hydrazine  provides  a 
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TABLE  17.  Comparison  of  reaction  orders  and  overall 
activation  energies,  hydrazine  reactions. 


rate  equation 

dt 


oxidizer,  X 

a 

b 

E1 

E2 

kcal/mole 

kcal/mole 

N02  (step  I) 

1.0 

1.0 

26.7 

24.5 

decomposition  (141) 

1.0 

— 

36.2 

36.2 

°2 

1.0 

0 

37.2 

37.2 

NO  +  ?502 

1.0 

0 

39.1 

39.1 

decompos i t ion" we  t " 
(141) 

1.0 

— 

not 

reported 

— 

NO 

.75 

0 

30.7 

45.4 

NO^  (step  II) 

.9 

0 

— 

39.6 

E.:  activation  energy,  rate  equation  according  to  determined 

orders,  a  and  b 

E-:  activation  energy,  rate  equation  according  to  first 

order  dependence  on  hydrazine,  a  =  1,  b  =  0 

x  :  oxidizer 


TABLE  18.  Summary  of  reaction  mechanisms,  hydrazine  reactions 
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readily  available  source  of  hydrogen.  Gray  and 
Thynne  (16,  112)  found  the  abstraction  of  hydrogen 
by  methyl  radicals  from  hydrazine  at  150°C  to  be 
300  times  faster  than  from  ammonia  and  estimate  the 
dissociation  energy  Ddi-l^H^)  to  be  about  93  (kcal/mole). 
The  proposed  mechanism  ^for  the  step  I  reaction  of 
hydrazine  and  nitrogen  dioxide  involves  neither  the 
fission  of  the  N-N  bond  nor  dissociation  of  hydrazine. 

(2)  The  effect  of  oxygen  to  slow  the  decomposition 
of  hydrazine  is  attributed  to  product  water  which  has 
been  observed  by  Eberstein  (39)  and  Antoine  (113,  114) 

to  slow  hydrazine  decomposition.  That  the  hydrazine/ 
oxygen  reaction  proceeds  more  rapidly  than  the  decomposi¬ 
tion  of  “wet"  hydrazine  is  evidence  that  oxidation  of 
the  hydrazine  decomp jsition  fragments  occurs.  That  the 
reaction  is  much  slower  than  the  step  I  hydrazine/nitrogen 
dioxide  reaction  is  attributable  to  the  greater  abstraction 
potential  of  nitrogen  dioxide  over  oxygen.  Hydrazine 
dissociation  and  oxidation  proceed  simultaneously. 

(3)  The  observed  step  II  reaction  of  hydrazine 
and  nitrogen  dioxide  is  interpreted  to  be  the  reaction 
of  hydrazine  and  nitric  oxide  and  is  in  good  agreement 
with  the  hydrazine/nitric  oxide  reaction  rate  measure¬ 
ments.  The  similarity  of  the  rates  of  these  two 
reactions,  really  the  same  reaction,  to  the  decomposition 
of  "wet"  hydrazine  does  not  simply  reflect  the  effect 

of  product  water  but  additionally  must  involve  the 
inhibiting  effect  of  nitric  oxide  on  hydrazine  decompo¬ 
sition  by  removal  of  NH2  radicals.  The  fission  of  the 
N-N  bond  in  hydrazine  is  a  prerequisite  to  its  reaction 
with  nitric  oxide.  In  this  sense,  hydrazine  decomposition 
precedes  its  oxidation  by  nitric  oxide. 
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CHAPTER  8 

COMPARISON  OF  THE  REACTIONS  STUDIED:  THEIR  RELATION  TO 
THE  HYDRAZ INE/NITROGEN  DIOXIDE  REACTION 

Of  the  16  reactions  outlined  for  study,  measurable 
reactions  rates  were  observed  for  11  while  reaction  rates 
for  the  remaining  5  were  too  slow  to  be  measured  with  the 
flow  reactor.  Comparison  of  the  measured  reaction  rates 
among  the  11  reactions,  while  probably  the  most  interesting 
relation  to  be  noted,  is  difficult  to  resolve. 

8.1  COMPARISON  OF  EXPERIMENTAL  RESULTS 


The  difficulty  in  comparing  the  measured  reaction 
rates  arises  noth  from  the  disparity  of  reaction  orders 
among  the  reactions  and  from  the  difference  in  reaction 
rate  itself  and  therefore,  as  a  consequence  of  the 
experimental  technique,  differences  m  the  temperatures 
at  which  reaction  rates  were  measured.  Fast  reacting 
combinations  were  studied  at  low  temperatures  while  slow 
reacting  combinations  were  studied  at  high  temperatures. 
Fortunately,  enough  overlap  in  the  experimental  parameters 
exists  for  the  various  reactions  studied  to  allow 
qualitative  and,  in  some  cases,  quantitative  comparisons 
to  be  made. 

8.1.1  Reaction  orders 


Reaction  orders  were  determined  for  most  of  the 
reactions  studied  and  do  form  a  basis  for  valid  comparison 
among  reactions.  As  a  summary,  the  reaction  orders  for 
the  reactions  studied  are  presented  in  Table  19  in  terms 
of  the  exponents  (orders)  a,b,  and  c. 


?ABLE  19.  Summary  of  reaction  orders  for  the  general  rate 
equation. 


rate  = 


oxidizer  exponent 


-k[fuel]a  [oxidizer)  ^[x)c 


N2H4 

H2 

nh3 

1.0  ^  .9(2) 

■h 

1.0 

1.0  0 

1.0 

1.0 

+  + 

- .  8* 

+ 

1.0 

1.0 

1.0 

0 

0 

1.0 

+ 

+ 

+ 

+  not  applicable  or  nc'c  determined 
no  reaction  observed 
*  for  x  =  [NO]  +  [N02] 

(1)  step  I 

(2)  step  II 
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For  those  cases  in  which  zero  order  dependencies  upon  the 
oxidizer  concentration  are  indicated,  attention  is 
drawn  to  the  difficulty  in  discerning  between  a  true  zero 
order  dependence  upon  oxidizer  concentration  and  the  case 
involving  the  combination  of  competing  direct  and  inverse 
dependencies.  The  hydrogen/i.^trogen  dioxide  reaction  is 
an  example  of  the  case  in  point — it  is  likely  that  this 
complex  dependency  upon  several  species  would  have  gone 
undetected  had  it  not  been  for  its  discovery  by  other 
investigators  employing  different  techniques. 

8.1.2  Heats  of  reaction  and  stoichiometry 

The  measured  heats  of  reaction  rve  primarily  as 
a  check  on  the  stoichiometry  of  the  reaction.  The  observed 
stoichiometries  have  a  consistent  pattern  for  each  oxidizer. 
For  all  reactions,  except  :c *  the  hydrazine/nitric  oxide 
reaction,  complete  oxidation  of  the  fuel  to  water  occurs. 

The  nitrogen  dioxide  reactions  behave  according  to  the 
general  stoichiometry 

NnMm  +  2-tiOx.  -*  x  H,°  *  -3-  NO  +  Nx 

where  NnHm  is  the  general  representation  of  the  fuels 
studied.  Similarly,  the  oxygen  reactions  follow  the  relation 

NnHm  ♦  a.  o%  -*  a.  H^o  *  Ni 

The  observed  heat  of  reaction  for  the  hydrazine/nitric 
oxide  reaction  indicates  that  part  of  the  hydrazine 
decomposes  to  the  products,  ammonia  and  hydrogen  (and 
unreactive  nitrogen)  which  are  not  oxidized.  Two 
competing  stoichiometries  are  required  to  describe 


[198] 


this  reaction. 

N*M„  *  No  AH xo  +  -|  Nx 

N x Wi*  —+  NH5  -4  •Jj.Hx  + 

In  the  flow  reactor  experiments  approximately  85%  of  the 
hydrazine  is  consumed  according  to  the  first  relation  and 
the  remainder  according  to  the  second.  The  heats  of 
reaction  as  measured  are  presented  in  Table  20.  These 
values  are  to  be  compared  to  the  predicted  values  as 
presented  in  Table  6  of  Chapter  - 


Table  20. 

Summary  of  me 

asured  he 

ats  of  reaction 

(kcal/mole) 

oxidizer 

N2H4 

fuel 

H2 

nh3  +  %h2* 

nh3 

no2 

110 

45 

77 

52 

°2 

135 

59 

106 

74 

NO+^02 

130 

— 

— 

— 

NO 

160 

.. 

* (kcal/mole  NH^  +  h  roole  H2) 

8.1.3  Reaction  rates 

The  comparison  of  reaction  rates  for  each  fuel  with 
various  oxidizers  has  been  presented  in  the  preceding  four 
chapters.  Before  attempting  to  order  the  reaction  rates  of 
all  the  reactions  studied,  it  is  informative  to  compare  the 
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rates  of  each  oxidizer  with  the  various  fuels.  The  selection 


of  d  Common  i. cits  GxpiTGssic  is  required.  Unfortunatclv i 
the  reactions  do  not  show  common  orders,  the  particular 
selection  of  the  rate  expression. can  affect  the  apparent 
relative  reaction  rates. 

An  exception  to  this  difficulty  are  the  nitrogen 
dioxide  reactions  which  all  show  loughly  a  first  order 
dependence  on  both  fuel  and  oxidizer  concentrations  and 
can  be  compared  on  the  basis  of  a  common  rate  expression. 


blilCC 
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Examination  of  Figure  46  in  which  the  second  order  rate 
constants  are  plotted  as  a  function  of  1/T  reveals  hydrazine 
to  have  the  fastest  reaction  with  nitrogen  dioxide. 

Hydrogen  and  the  mixture  of  NH^  +  exhibit  the  same 

rate;  at  900°K  the  ammonia  reaction  rate  is  also  close 
to  these  two,  while  at  1000°K,  the  ammonia  reaction 
rate  is  noticeably  slower. 

Comparison  of  the  oxygen  reaction  rates  are  par¬ 
ticularly  difficult  because  of  the  necessity  of  using 
large  excesses  of  oxygen  to  obtain  measurable  reactions 
in  the  case  of  its  reaction  with  ammonia.  In  the  hydrogen/ 
oxygen  reaction,  large  excesses  of  oxygen  appear  to 
slow  the  reaction  while  variations  in  oxygen  concentration 
about  a  stoichiometric  mixture  produce  no  noticeable 
effect  on  the  reaction  rate.  Recognizing  the  inherent 
difficulties  in  comparing  the  jxygen  reaction  rates,  one 
should  view  Figure  47  in  which  a  first  order  rate  constant 
is  presented. 


*  -k[x] 
dt 
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mm 
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and  Figure  48/  in  which  a  second  ordei  r^te  constant  is 
presented/ 

tig  =-k[x][o>l 

with  care  for  their  interpretation.  Hydrogen  reacts  most 
rapidly  with  oxygen,  followed  by  hydrazine,  ammonia- 
hydrogen,  and  ammonia,  in  order  of  decreasing  reactivity. 

The  presence  of  nitric  oxide,  as  from  the  decom¬ 
position  of  nitrogen  dioxide  to  oxygen  and  nitric  oxide, 
is  found  to  slow  the  hydrogen/oxygen  reaction  considerably 
while  having  little  effect  upon  the  hydrazine/oxygen 
reaction.  The  two  cases  in  which  reactions  are  observed 
with  decomposed  nitrogen  dioxide  are  compared  in 
Figure  49.  The  inhibiting  effect  of  nitric  oxide  on  the 
hydrogen/oxygen  reaction  is  sufficient  to  reverse  the 
relative  rates  of  the  hydrogen/oxygen  and  hydrazine/ 
oxygen  reactions. 

A  composite  comparison  of  the  reaction  rates  is 
made  in  Table  21.  Because  of  the  ennumerated  difficulties 
in  quantatively  comparing  reaction  rates,  relative  rates 
in  this  table  are  divided  into  four  groups:  fast, 
moderate,  slow,  and  no  reaction.  The  fast,  moderate, 
and  slow  groupings  represent  about  an  order  of  magnitude 
(factor  of  10)  increase  in  reaction  rate  between  slow 
and  moderate  and  between  moderate  and  fast.  The  fastest 
reactions  are  the  hydrazine/nitrogen  dioxide  reaction 
and  hydrogen/oxygen  reaction  which  are  found  to  react 
about  100  times  faster  than  ammonia/oxygen  and  ammonia- 
hydrogen/oxygen.  The  remainder  of  the  reactions  with 
measurable  rates  were  grouped  with  reaction  rates  of 
about  10  times  the  slow  reactions  and  about  1/10  the 
fast  reactions. 
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Table  21.  Relative  reaction  rates,  summary  of  all 

reactions  studied,  temperature  range  800-1300°K. 


fuel 


oxidizer 


N0H„ 

H2 

NH3+ijH2 

nh3 

no2 

fast 

moderate 

moderate 

moderate 

°2 

moderate 

fast 

slow 

slow 

NO+?302 

moderate 

moderate 

no  reaction 

no  reaction 

NO 

moderate 

no  reaction 

no  reaction 

no  reaction 

8.1.4 

Overall  activation 

energies 

■  The  overall  or  global  activation  energies  for  the 

reactions  studied  are  summarized  in  Table  22.  A  general 
correlation  between  faster  rate  and  lower  activation 
energy  is  noted ,  particularly  in  the  hydrazine  and  in 
the  hydrogen  columns.  The  overall  activation  energies 
give  a  clue  to  the  dominant  reaction  mechanisms  and 
are  discussed  in  this  context  in  Section  8.2  Attention 
is  drawn  to  the  effect  of  the  selected  reactipn  orders 
•  upon  the  calculated  activation  energies;  a  change  in 

j  reaction  order  of  .25  can  produce  as  much  as  a  15  (kcal/mole) 

change  in  the  activation  energy,  see,  for  example.  Table  34. 

!  Activation  energies  based  on  common  reaction  orders  are 

]  selected  for  presentation  in  Table  22  unless  a  particularly 

|  "uncommon"  reaction  order  is  indicated  by  the  experimental 

\ 

} 
i 

i 

f 
I 


results. 
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TABLE  22.  Overall  activation  energies,  summary  of  all 
reactions  studied  [kcal/mole] 


oxidizer 

N2H4 

N02 

26.7 

°2 

37.2 

NO  +  ^02 

39.1 

NO 

45.4 

fuel 


H2 

nh3  +  h  h2 

nh3 

46.2 

48.2 

33.8 

38.2 

48.3 

38.7 

68.6 

8.2  COMPARISON  OF  REACTION  MECHANISMS 

The  reaction  mechanisms  presented  have  been  shown 
in  most  cases  to  possess  steady  state  solutions  which 
agree  with  tho  observed  reaction  orders.  While  the 
proposed  mechanisms  seem  to  have  complexity  as  their 
primary  common  feature,  some  simple  relations  among 
the  different  mechanisms  can  be  noted.  Attention  is 
focused  primarily  on  the  reduction  of  nitrogen  dioxide 
and  on  the  oxidation  of  hydrazine. 

8.2.1  Oxidation  bv  nitrogen  dioxide 

Nitrogen  dioxide  was  found  to  be  measurably 
reactive  with  all  of  the  fuels  studied,  at  least  to 
the  extent  of  reduction  to  nitric  oxide.  A  similarity 


(H3M  »..o<3SBgaaga.' 
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can  be  noted  in  the  dominant  propagation  reactions  of 
the  reaction  of  nitrogen  dioxide  with  hydrogen,  ammonia, 
and  hydrazine.  As  suggested  by  an  analogous  observation 
for  the  oxidation  of  ammonia  and  hydrazine  by  oxygen 
made  by  Hussain  and  Norrish  (105),  the  following 
general  propagation  scheme  is  noted. 


N  H  +  OH 
m  n 

H.O  +  17  H  , 

2  m  n-1 

NO„  +  N  H 

2  m  n 

-1  > 

HONO  +  N  H  _ 
m  n-2 

This 

general  propagation  reaction  appears 

in  the  follow- 

ing 

pairs  of  reactions. 

• 

hvdroqen 

Ah° 

r298 

H2  +  0H 

— 

H20  +  H  ' 

-15  [kcal/mole] 

N02  +  H 

- 

HONO 

ammonia 

NH3  +  OH 

- 

h20  +  NH2 

-16  [kcal/mole] 

.  \ 

^no2  +  nk2 

- 

HONO  +  NH 

hydrazine 

N.H.  +  OH 

2  4 

- 

h2o  +  n2h3 

-52  [kcal/mole] 

N02  +  N2H, 

— 

HONO  +  N0H„ 

2  2 

! 

i 
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The  common  molecular  intermediate#  HONO#  while  relatively 
stable#  will  subsequently  undergo  the  branching  reaction 

HONO  — ►  OH  +  NO 

While  NO  is  properly  classified  as  a  radical#  it 
appears  here  as  a  stable  specie  and  does  not  undergo 
further  reaction. 

An  additional  correlation  of  the  reaction  rates 
and  overall  activation  energies  with  the  nature  of  the 
first  hydrogen  abstraction  reaction  is  noted.  The 
similarity  in  reaction  rates  for  ammonia  and  hydrogen 
with  nitrogen  dioxide  is  in  agreement  with  the 
similar  exothermic it ies  of  their  respective  hydrogen 
abstraction  reactions  and  similar  bond  dissociation 
energies,  which  are  104  [kcal/mole]  for  both  the 
fission  of  the  hydrogen  molecule  and  the  breaking 
of  the  first  N-H  bond  in  ammonia.  The  higher  reaction 
rate  for  hydrazine  than  for  ammonia  is  consistent  with 
a  weaker  N-H  bond  and  hence  a  better  potential  for 
hydrogen  abstraction. 

8.2.2  The  oxidation  of  hydrazine 

The  measured  reaction  rates#  reaction  orders#  and 
overall  act .vai ion  energies  for  the  oxidation  of  hydrazine 
by  nitrogen  dioxide#  oxygen,  and  nitric  oxide  are 
distinctively  different  and  represent  distinctively 
different  reaction  mechanisms.  The  reaction  of  hydrazine 
and  nitrogen  dioxide  already  has  been  described  as  a 
rapid  hydrogen  abstraction  reaction#  occurring  without 
the  decomposition  of  the  hydrazine.  The  remaining 
reactions  involve  the  decomposition  of  hydrazine,  either 
as  a  parallel  reaction  or  as  a  prerequisite  reaction. 


wr-ya 
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The  lower  reaction  rate  of  oxygen  than  nitrogen 
dioxide  is  traceable  to  the  greater  effectiveness  of 
nitrogen  dioxide  as  a  hydrogen  abstractor.  It  is 
difficult  to  establish  from  the  observations  whether 
the  slower  reaction  of  hydrazine/oxygen  than  of 
pure  hydrazine  decomposition  is  due  to  a  slowing 
effect  of  the  hydrazine  decomposition  by  the  product 
water,  as  observed  by  Eberstein  (39) ,  or  is  merely  a 
result  of  a  requirement  that  the  hydrazine  pyrolysis 
occur  before  it  can  react  with  oxygen.  The  observed 
reaction  rate  of  hydrazine  and  oxygen  is  greater  than 
the  rate  observed  for  the  decomposition  of  “wet" 
hydrazine.  The  water  concentration  of  "wet"  hydrazine 
is  less  than  that  produced  early  in  the  hydrazine/ 
oxygen  reaction.  This  observation  seems  to  indicate 
that  complete  dissociation  of  hydrazine  to  ammonia, 
hydrogen,  and  nitrogen  is  not  a  prerequisite  of 
its  reaction  with  oxygen.  The  similarity  in  overall 
activation  energies  of  hydrazine  decomposition  and 
the  hydrazine/oxygen  reaction,  however,  does  support 
the  importance  of  a  role  of  hydrazine  decomposition  in 
its  reaction  with  oxygen. 

The  still  slower  reaction  of  hydrazine  and  nitric 
oxide  depends  on  the  decomposition  of  hydrazine  to 
form  reactive  Nf^,  possibly  also  NH,  radicals.  It 
is  concluded  that  complete  pyrolysis  of  the  hydrazine 
to  ammonia,  hydrogen,  and  nitrogen  cannot  occur  to  a 
great  extent  because  these  species  are  not  reactive 
with  nitric  oxide  at  the  experimental  conditions.  The 
failure  of  nitric  oxide  to  affect  the  hydrazine/oxygen 
and  a.nmonia/oxygen  reaction  rates  (and  probably  the 
hydrazine/nitrogen  dioxide  reaction  rate  as  well)  appears 
anomolous  considering  the  likely  role  of  NO  as  a  Nt^ 
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radical  sink  and  its  inhibiting  effect  on  the  hydrogen/ 
oxygen  reaction.  One  explanation  is  that  oxygen  and 
nitrogen  dioxide  are  even  more  reactive  with  NH2  radicals 
than  nitric  oxide,  making  the  presence  of  NO  unnoticed. 
Another  explanation  is  that  the  inhibiting  effect  of  NO 
on  the  hydrogen/oxygen  reaction  is  tied  to  the  removal  of 
H  atoms  by  the  formation  of  HNO  and  that  H  atoms  are  not 
important  intermediates  in  the  other  reactions. 

The  oxidation  of  hydrazine  has  been  shown  to  follow 
no  particular  pattern  but  to  depend  upon  the  oxidizing 
agent.  Reactions  have  been  observed  in  which  oxidation 
proceeds  without  pyrolysis,  in  which  oxidation  and 
pyrolysis  are  concluded  to  proceed  simultane  ^’s  iy, 
and  in  which  pyrolysis  is  a  prerequisite  to  oxidation. 

The  reaction  of  hydrazine  and  nitrogen  dioxide  is 
characterized  by  a  unique  two  step  process,  the  reduction 
of  nitrogen  dioxide  to  nitric  oxide  followed  by  the 
reduction  of  the  nitric  oxide.  The  reaction  rates  for 
these  two  steps  differ  by  a  factor  of  13. 

8.2.3  Other  comments  on  reaction  mechanisms 


One  peculiar  observation  is  the  failure  of  nitric 
oxide  and  ammonia  to  r  .ct,  even  in  the  presence  of 
oxygen.  The  oxidatic  -  ammonia  would  seem  to  provide 
a  source  of  NH2  radicals  apx>arently  required  for  the 
reduction  of  nitric  oxide.  While  it  is  understandable 
that  initiation  of  the  ammonia/nitric  oxide  reaction 
would  be  difficult,  as  indeed  even  the  ammonia/oxygen 
reaction  is  observed  to  be,  one  might  expect  that  the 
ammonia/nitric  oxide  reaction  would  be  sustained  in 
the  presence  of  the  ammonia/oxygen  reaction.  Once  again 
the  explanation  may  lie  in  the  competition  between 


1211] 


and  NO  for  NH^  radicals.  Experimer  l:al  results  seem  to 
indicate  that  oxygen  is  more  reactive  with  NH2  than  is 
nitric  oxide. 

The  high  reaction  rate  of  hydrogen  and  oxygen  is 
attributed  to  a  chain  branched  reaction  mechanism.  Of  the 
reactions  studied,  only  the  hydrogen/oxygen  reaction  has 
been  proposed  to  involve  chain  branching. 


8.3  THE  EFFECT  OF  NITROGEN  DIOXIDE  DECOMPOSITION  UPON 
ITS  SUBSEQUENT  REACTION 


It  has  been  argued  already  that  the  decomposition  of 
nitrogen  tetroxide  to  nitrogen  dioxide  is  sufficiently 
rapid  to  insure  that  it  occurs  in  most  gas  phase  combustions 
before  any  reduction  reaction.  While  the  decomposition  of 
nitrogen  dioxide  to  nitric  oxide  and  oxygen  is  a  much 
slower  process,  its  occurrence  in  a  combustion  reaction 
is  possible. 

In  all  reactions  observed,  the  decomposition  of 
nitrogen  dioxide  to  nitric  oxide  and  molecular  oxygen  is 
found  to  slow  it  s  subsequent  reaction.  Since  nitric 
oxide  is  a  reaction  product  in  the  reduction  of  nitrogen 
dioxide,  the  decomposition  of  nitrogen  dioxide  should  not 
affect  the  heat  of  reaction.  High  temperatures,  sufficient 
to  produce  thermal  decomposition  of  the  r.itric  oxide, 
apparently  are  required  for  the  complete  reduction  of 
nitrogen  dioxide,  except  where  hydrazrAe  is  the  reducing 
agent.  In  this  case,  complete  reduction  of  the  nitrogen 
dioxide  is  possible,  even  at  moderate  temperatures.  The 
rate  of  the  compete  reduction  of  nitrogen  dioxide  appears 
to  be  unaffected  by  the  decomposition  of  the  nitrogen 
dioxide  as  the  rate  controlling  process  is  the  reduction 
of  the  nitric  oxide,  whether  it  is  formed  as  a  decomposi¬ 
tion  product  or  as  a  reaction  intermediate.  Unlike  the  flow 
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reactor,  in  a  combustor  producing  large  temperature 
increases  (as  is  the  function  of  most  combustors) ,  the 
first  step  of  the  hydrazine/nitrogen  dioxide  reaction 
would  provide  a  sufficient  temperature  rise  to 
accelerate  the  second  step  of  the  reaction  to  the  point 
where  it  possibly  would  not  be  rate  controlling. 

A  second  form  of  nitrogen  dioxide  decomposition 
should  be  mentioned.  The  term  "decomposed  nitrogen 
dioxide"  has  been  used  to  refer  to  nitrogen  dioxide  which 
has  undergone  decomposition  to  nitric  oxide  and  molecular 
oxygen  prior  to  mixing  with  the  fuel.  If  the  nitrogen 
dioxide  undergoes  decomposition  in  the  presence  of 
the  fuel,  the  decomposition  intermediates,  nitric 
oxo.de  aid  atomic  oxygen,  would  be  available  for  oxidation 
of  the  fuel.  Because  cf  the  reactivity  of  atomic  oxygen, 
such  "concurrent  thermal  decomposition"  would  not  slow 
the  reaction  rate  of  nitrogen  dioxide.  In  the  reactions 
studied,  thermal  decomposition  of  nitrogen  dioxide  was 
slower  than  the  nitrogen  dioxide/fuel  reaction.  Any 
such  "concurrent  thermal  decomposition"  that  might 
occur  during  the  reaction  process  should  be  treated  as 
a  step  in  the  reaction  mechanism. 

8.4  THE  EFFECT  OF  HYDRAZINE  DECOMPOSITION  UPON  ITS 

SUBSEQUENT  REACTION 

As  was  anticipated,  in  all  cases  studied,  the 
pyrolysis  of  hydrazine  to  ammonia,  hydrogen,  and  nitrogen 
acts  to  slow  or  prevent  its  subsequent  reaction.  On  the 
other  hand,  its  decomposition  to  the  extent  of  the 
breaking  of  the  N-N  bond  apparently  is  required  for 
reaction  with  nitric  oxide. 
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The  complete  pyrolysis  of  hydrazine  to  ammonia, 
hydrogen,  and  nitrogen  slows  its  reaction  with  nitrogen 
dioxide  by  a  factor  of  about  6.  The  complete  pyrolysis 
of  nitrogen  dioxide  to  nitric  oxide  ard  molecular  oxygen 
slows  its  reaction  with  hydrazine  by  a  factor  of  about 
10.  The  reaction  of  completely  pyrolyzed  hydrazine  and 
completely  pyrolyzed  nitrogen  dioxide  is  too  slow  to  be 
studied  in  the  flow  reactor.  This  failure  to  obtain 
a  reaction  indicates  a  reaction  rate  which  is  at  least 
1000  times  smaller  than  the  reaction  rate  of  hydrazine 
and  nitrogen  dioxide. 


*  *  * 


In  summary,  the  homogeneous  gas  phase  kinetics  of 
the  reaction  of  hydrazine  and  nitrogen  dioxide  were  studied 
by  experimental  investigation  of  a  number  of  related 
reactions.  Interpretation  of  measured  reaction  orders, 
reaction  rates,  and  overall  activation  energies  was 
provided  through  the  postulation  of  reaction  mechanisms. 
Reactant  pyrolysis  in  the  hydrazine/nitrogen  dioxide 
reaction  was  demonstrated  to  control  the  nature  of  the 
reaction. 
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NOMENCLATURE 

symbol 

quantity 

dimensions 

A 

exponent  of  preexponential 
factor  in  Arrhenius  expression 
for  the  rate  constant 

k  =  10^Tm  exp(-E/RT) 

[A] 

concentration  of  speciv  A 

moles/cc 

a 

reaction  order  with  respect  to 
fuel  or  reducing  reactant 

A. 

r 

throat  area 

2 

cm 

8 

—8 

Angstrom  unit,  10  [cm] 

b 

reaction  order  with  respect  to 
oxidizer  or  oxidizing  reactant 

c 

p 

specific  heat  at  constant 
pressure 

cal/mole°K 

Cv 

specific  heat  at  constant 
volume 

cal/mole°K 

c* 

characteristic  velocity 

ft/sec 

c 

reaction  order  with  respect  to 
initial  concentration  of 
oxidizer 

d 

bulk  density 

gm/cc 

D 

bond  dissociation  energy 

kcal/mole 

E 

activation  energy 

cal/mole 

E* 

effective  activation  energy 

cal/mole 

E 

bond  energy 

kcal/mole 

Af° 

free  energy  of  formation 

kcal/mole 

[F] 

fuel  concentration 

gm/cc 

<*c 

gravitational  acceleration 
constant,  980  [cm/sec  J 

cm/sec^ 

Ah 

r298 

enthalpy  of  reaction 

kcal/mole  t 

standard  enthalpy  of  formation 
at  298.16  K 

kcal/mole 

Ab| 

T 

standard  enthalpy  of  formation 
at  temperature,  T 

kcal/mole 
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I  specific  impulse 

k  rate  constant 

k  nth  order  rate  constant  / 

n 

k  reference  rate  constant 

o 

A  mass  flow  rate 

Tno  molecular  weight 

n  reaction  order 

n  number  of  moles 

0/F  oxidizer  to  fuel  ratio 

(by  weight) ,  also  "r" 

[O]  oxidizer  concentration 

Pc  chamber  pressure 

Q  heat  of  reaction 

R  universal  gas  constant ,  1.9869 

H  reaction  rate 

K,#  reduced  reaction  rate 

r  mixture  ratio,  mass  oxidizer/ 

mass  fuel,  also  "0/F" 

S°  absolute  entropy 

t  time 

t^  reaction  half-time,  time  for 

2  reaction  to  proceed  to  50% 

completion 

T  temperature 

u  uncertainty  in  measured  or 

calculated  quantity 

x  mole  fraction 

x  distance 


sec 

(depends  on 
overall  rate 
equation  order) 

(cc/mole)n  sec 


gm/sec 

gm/gm-mole 


gm/cc 

pounds/in2 
cal/mole  fuel 
cal/mole°K 

sec  ^ 


cal/mole°K 

sec 


sec 

°K 


cm 


ratio  of  specific  heats,  Cp/Cv 

reaction  ratio 

( fuel/oxidizer) 

( fuel/oxidizer) 


1 


reaction 
s  toichiometry 


0 


equivalence  ratio 

(fuel/oxidizer) 

( fuel/oxidizer) standafd 

stoichiometry 


f 

molar  density 

moles/cc 

f  total 

total  molar  density 

moles/cc 

standard  deviation  of  x 

ratio  of  moles  of  material  m 
consumed  to  reactant  1 
consumed 

<Tp, 

ratio  of  moles  of  product  p 
produced  to  reactant  1 
consumed 

subscripts 

f  final 

i  specie  index 

m  atom  number 

n  atom  number 

initial 


o 
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APPENDIX  A.  SUMMARY  OF  EXPERIMENTAL  PARAMETERS,  ARRHENIUS 

/ 

PARAMETERS,  AND  EXPERIMENTAL  RATE  DATA 

The  reaction  rates  measured  in  the  flow  reactor  are 
converted  to  rate  constants,  k,  through  a  general  rate 
equation  of  the  form, 


^  =  -k[Af[B!b[c]c  -d) 

The  convention  used  throughout  is  that, 

A:  concentration  of  fuel  (or  reducing  reactant) 

B:  concentration  of  oxidizer  (or  oxidizing  reactant) 

C:  concentration  of  species  C,  observed  to  affect 

the  reaction  rate 

All  concentrations  are  expressed  in  (moles/cc).  The  rate 
constant  will  then  have  the  dimensions 

-(a»b+c-i)  _1 

(moles/cc)  sec 

In  the  summary  of  experimental  parameters  the  following 
are  identified: 

(1)  reactor  duct  size  and  material 

(2)  range  of  temperatures  over  which  experimental 
rates  were  obtained 

(3)  range  of  initial  equivalence  ratios  (The  local 

composition,  upon  which  the  rate  constant  is 

calculated,  will  vary  greatly  from  that  indi- 

* 

cated  by  the  initial  equivalence  ratio.  As 
the  reaction  approaches  completion,  the  local 
equivalence  ratio  will  approach  infinity  or 
\ 


r 
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zero  depending  upon  whether  the  initial  value  of  the  equiv¬ 
alence  ratio  was  greater  than  or  less  than  one.  It  is , 
of  course ,  assumed  that  one  of  the  reactants  is  fully  con¬ 
sumed  at  "completion.") 

(4)  range  of  initial  fuel  c  -ncentrations 

(5)  number  of  experimental  data  points 

To  obtain  the  temperature  dependence  of  the  rate 
constant,  the  calculated  rate  constants  are  fit  by  the 
method  of  least  squares  to  the  following,  Arrhenius,  rate 
expression. 


k  =  10A  T™  exp  (-E/RT) 

In  addition  to  the  Arrhenius  parameters,  A  and  E,  the  un¬ 
certainties  in  A  and  E,  expressed  at  their  respective 
standard  deviations,  are  tabulated. 

For  each  combination  of  reactants  and  duct  in  which 
rate  measurements  were  made,  the  logarithm  (base  10)  of 
the  experimental  rate  constant  is  plotted  as  a  function 
of  1000/T.  The  particular  rate  equation  used,  EA(1),  is 
identified  by  the  exponents  a,b,c.  The  exponent  "m"  is 
the  temperature  dependence  of  the  pre-exponential  part 
of  the  Arrhenius  rate  constant,  for  which  a  value  of  zero 
is  used  throughout  Appendix  A.  In  the  computer  plots, 
the  asterisk  (*)  refers  to  a  sirgle  datum  point.  Multiple 
data  points,  that  is,  grid  regions  in  which  several  data 
points  are  grouped,  are  indicated  by  the  number  of  data 
points,  that  is,  the  symbols  2  to  9.  If  the  number  of 
data  points  exceeds  9,  the  symbol  is  used.  Note 

that  the  number  "1"  always  indicates  a  grid  line  and  not 
a  single  datum  point.  The  lines  drawn  through  the  experi¬ 
mental  points  are  the  least  squares  curve  fit  lines. 


V 
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TABLE  23.  Summary  of  hydrogen/nitrogen  dioxide  reaction  rate 
constants 


rate  equation 

dLHi]  _  _k  [Hu]*'  [NQxl 
dt  [NOi]  ♦[  NO] 

k  =  10A  exp  (-E/RT)  [  (mole/ce ) ~ * 4sec~* J 


duct  diameter  [in] 

2 

4 

duct  material 

quartz 

quartz 

T  [°K] 

890-1110 

850-1090 

.33-2.4 

0.7-5. 5 

[H9]  x  107  [moles/cc] 

46  O 

1.8-10.6 

2. 5-9. 6 

data  points 

271 

455 

E  [kcal/mole] 

+48.0 

+46.2 

o~  [kcal/mole] 

E 

0.8 

0.6 

A 

14.91 

14.26 

A 

.18 

.15 

L__ _ _ _ 

- - 

HYDROGEN /N I TROGEN  DIOXIDE  REACTION  KINETICS 
2  (INCH)  QUARTZ  DUCT,  NITROGEN  CARRIER 

LOGIO » RATE  CONSTANT)  M-  0.00  A=  l.<,0  B=  1.00  C=-1.00  271  POINTS 


6.600 


6.200 


5.800 


5.400 


5.000 


4.600 


4.200 


3.800 


3.400 


3.000 


2.600 


1000/T  ( 1/DEGK ) 


FIGURE  50 
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HYOROGEN/NITROGEN  OIOXIDE  REACTION  KINETICS 
4  (INCH)  QUARTZ  DUCT,  NITROGEN  CARRIER 

LOGIO ( RATE  CONSTANT)  M=  0.00  A=  1.40  B=  1.00  C=-1.00  455  POINTS 


6.000 


>5!  j 

.  'i  I 

\ 

. 


5.200 


4.800 


4.400 


4.000 


3.600 


3.200 


5.600  1- 

1 


2.800 


2.400 


•i - 

1  1  1 

>  l  1  1 

[2  1  **  1  1 

\  1  *«  1  1 

■2*\*-l - * - 1 - 1 - 

*2*4**  *  1  1 

2*  2**2  *  *  1  1 
**  2*62  2  1  1 

3*  *  *5^  *3***  *  1 

- 2-1*-#  5^*  *321*-* - 1 - 

*1  3  *4\*  **  **  1 

*  *  323**2***22*  1 

1*  *2*2>i*3*3***  1 

1  *  33\3*3  2*  1 

- 1 - *-222*323-221 - 

1  *  22V432*2 

1  1  **>*23242 

1  1  *2V2*222* 

1  1  *  \3  5*2 

- 1 - 1 - *-*3-2*3*-- 

1  1  «1>*222 
III  **3*2 
1  1  1  \4  i 

1  1  1  H; 


2.000 


1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

—  1  — 
1.00 


1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

—  1  — 
1.05 


3262 
24*52 
*52*3 
1*4324** 
— 1—233*2 
1  *3434 


233*22-1 - 

*34344*1 
**52^332  * 
**2223**5* 
**23\ 

- 1-2  V 


1 

1 

1 

1 

—  1  — 

1.10 


1 

1 

1 

1 

—  1  — 
1.15 


1 

1 

1 

1 

—  1 
1 
1 
1 
1 

—  1 
1 
1 
1 
1 

—  1 
1 
1 
1 
1 

—  1 
1 
1 
1 
1 

—  1 
1 
1 
1 
1 

—  1 
1 
1 
1 
1 

—  1 
1 
1 
1 
1 

—  1 
1 
1 
1 
1 

—  1 
1 
1 
1 
1 

—  1 

1.20 


1000/T  ( 1/DEGK ) 


FIGURE  51 
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TABLE  24.  Summary  of  hydrogen/oxygen  reaction  rate  constants, 
near  stoichiometric  (nitrogen  carrier) 


rate  equation 


k  =  10A 

exp  (-E/RT) 

[sec  ^ 

duct  diameter  [in] 

2 

4 

duct  material 

quartz 

quartz 

T  [°K] 

915-980 

880-960 

.3-1.0 

.25-1.3 

[H_ )  x  10 '  [moles/cc] 

1.5-4. 7 

1.1-2. 7 

data  points 

21 

198 

E  [kcal/mole ] 

+37.8 

+38.2 

[kcal/mole] 

6.7 

1.4 

-i  —  4-£33Sasseww 
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HYOROGEN/OXYGEN  REACTION  KINETICS 

2  (INCH)  QUARTZ  DUCT,  NITROGEN  CARRIER 

i.0610 i RA1 E  CONSTANT)  M=  0.00  A*  1.00  B=  0.00  C=  O.OC  21  POINTS 

3.000 

2.800 

2.600 

2,400 

2.200 

2*000 

1.800 

1.600 

1.^00 

1.200 

1.000 


FIGURE  52 


1000/T  (1/DEGK) 


«wa-  -v  '«&  f 
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HYDROGEN/OXYGEN  REACTION  KINETICS 

4  (INCH)  QUARTZ  DUCT,  NITROGEN  CARRIER 

L3G10 ( RAT E  CONSTANT)  M=  0.00  A=  1.00  8=  0.00  C1  0.00  1 08  POINTS 


2.500  1- 
1 

1 

1 

1 

2.400  1- 

1 
1 
1 
1 

2.300  1- 

i 
1 
1 
1 

2.200  1- 
1 
1 
1 
1 

2.100  1- 
1 
1 
1 
1 

2.000  1- 
1 
1 
1 
1 

1.900  1- 

1 
1 
1 
1 

1.800  1- 
1 
1 
1 
1 

1.700  1- 

1 
1 
1 
1 

1.600  1- 
1 
1 
1 
1 

1.500  1- 

1.02 


9 


1 OOO/T  ll/DEGK) 


FIGURE  53 
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TABLE  25.  Summary  of  hydrogen/oxygen  reaction  rate  constants 
excess  oxygen  (air  carrier) 


rate  equation 

d^sl  =  -kOU 

dt 

k  =  10A  exp  (-E/RT) 

[sec  ^ ] 

duct  diameter  [in] 

2 

3 

4 

3  3/8 

duct  material 

qu  rtz 

quartz 

quartz 

stainless 

steel 

T  [°K] 

900-1050 

920-1020 

930-1040 

920-1030 

0 

O 

. 031“ . 062 

.026-. 124 

.031-. 062 

.031-. 050 

7 

[H2]0  x  1°  [moles/cc] 

1. 7-3.0 

1. 3-6.0 

1. 7-3.0 

1.7-2. 5 

data  points 

108 

26 

106 

102 

E  [kcal/mole] 

+36.2 

+39.8 

+39.5 

+  38.2 

[kcal/mole  ] 

1.6 

3.6 

1.6 

1.3 

A 

10.42 

11.15 

10.71 

10.62 

cr 

A 


.35 


.81 


.35 


.30 


r 
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HYDROGEN /OXYGEN  REACTION  KINETICS 

2  UNCH)  QUARTZ  DUCT,  AIR  CARRIER 


LOGIC i RA tB  CunSTANs; 


n=  u»uu 


«=  1«UU 


A  a 

D=  U»UU 


a  .  A  A  A 

t-  ViUU 


t  a  a  n a i nr  r 

luo  ru in i o 


FIGURE  55 


1000/T  < 1/OcGK ) 
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HYDROGEN/OXYGEN  REACTION  KINETICS 

4  (INCH)  QUARTZ  DUCT,  AIR  CARRIER 

LQGIO ( RATE  CONSTANT)  M=  QsQO  A=  lsOD  B=  QSQQ  C=  Q;QQ  10? 


3.000 


2.800 


2.600 


2.400 


2.200 


2.000 


1.800 


1.600 


1.4C0 


1.200 


1.000 


1000/T  (1/DEGK) 


on  TMTC 

*  W  •  M  • 

- I 

1 

1 

1 

1 

- 1 

1 

1 

1 

1 

- 1 

1 

1 

1 

1 

- 1 

1 

1 

1 

1 

- I 

1 

1 

1 

1 

- 1 

1 

1 

1 

1 

- 1 

1 

1 

1 

1 

- X 

1 

1 

1 

1 

- 1 

1 

1 

1 

1 

- 1 

1 

1 

1 

1 

- X 

1.12 


FIGURE  56 


- *  —  ifzzs&aasm 
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HY0R0G6N /OXYGEN  REACTION  KINETICS 

3.375  (INCH)  STAINLESS  STEEL  DUCT*  AIR  CARRIER 

LOGIC (RATE  CONSTANT)  M=  0.00  A-  1.00  6=  0.00  C=  0.00  102  PuiNlS 


3.000 


2.800 


2.600 


2.400 


2.200 


2.000 


1.800 


1.600 


1.400 


1.200 


1.000 


1000/T  (1/OEGK) 


FIGURE  57 
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munr  c*  O  C 
inoxju  —  v 


Onmm 

WM1IUU 


ary  of  hydro3sn/nitric  oxicls~cxy5sn  rssction 
rate  constants,  I^/NO  +  nitrogen  carrier 


rate  equation  .fu  n  _  _or  ,br  *»c 

=  -k[n»]  [O*]  [no] 

c4t 


a 

1.4 

1.0 

b 

1.0 

0 

c 

-1.0 

0 

k  =  10 

exp  (-E/RT) 

-  4  -1 

[  (moles/cc)  *  sec  ] 

[sec  1] 

duct  diameter  [in] 
duct  material 


2 

quartz 


T  [°K] 

%  o 

[H2 ]  x  107 [moles/cc] 
data  points 


1030-1100 
.44-. 64 
.88-1.29 

2 ,1-4  .6 
69 


E  [kcal/mole ] 
[kcal/mole] 

A 


+98.3 

5.8 

25.71 


+68.6 

5.6 

16.46 


-3  —  ytsnsrrsoas 


4-«*»S5 
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HYOROGEN/NITROGEN  DIOXIDE  (DECOMPOSED)  REACTION  KINETICS 

2  (INCH)  QUARTZ  DUCT  *  NITROGEN  CARRIER,  OXIDIZER  INJECTION  PORT  4 


inairxRATP  rnM<;TAMT» 


m=  n.nn 


As  1 .AO 


n=  i .no 


r  =  - 1 .on 


fc„2  00 


6,000 


5.800 


5.600 


5.400 


5.200 


5.000 


4.800 


4.600 


4.400 


4.200 


1- 

1 

1 

1 

1 


1 

1 

1 

1 


1 

1  — 
.90 


1« 

1 

1 

1 

1 


1* 

1 

1 

I 

1 


•  • 


1 

1 

1 

I 


1 

1 

1 

1 


•-1- — 
•  92 


1 

-I  — 
.94 


1 

-1  — 
.96 


1 

—  1  — 
•  98 


AO  DntWTC 

W  ^  v  •  M  •  ^ 


I 

~ 1— 
1.00 


>1 

1 

1 

1 

1 


1 - 

- 1 - 

- 1 - — • 

•— — —  1— — — 

- 1 - 

- 1 - 

— -- 1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 - 

-----I----. 

...  —  l - - 

- 1 - 

- - 1 - 

- 1 

1 
1 
1 
1 
1 
1 
1 
1 
1 
1 
1 
1 
1 
1 
1 
1 
1 
1 
1 
1 
1 
1 
1 
1 
1 
1 
1 
i 
1 
1 

1 

1 

1 
1 
1 
1 
1 
1 
1 

— 1 

1.02 


FIGURE  58 


1000/T  (1' 


mrvmm 
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TABLE  27.  Summary  of  ammonia/nitrogen  dioxide  reaction 
rate  constants,  nitrogen  carrier 


rate  equation 


-  -kfNHjllNO*] 

dt 

k=  10A  exp  (-E/RT) 


[cc/mole  sec] 


duct  diameter  fin] 
duct  material 


T  [°K] 


[NH^ ] Q  x  10 7  [moles/cc] 

data  points 

E  [kcal/mole ] 

<t~e  [kcal/mole  ] 

A 


quartz 

quartz 

900-1080 

880-1110 

.27-6.8 

.37-6.0 

.54-13.6 

.74-12.0 

.61-4.5 

.61-3.4 

187 

324 

+41.8 

+33.8 

1.5 

1.1 

17.63 

15.85 

.34 

.25 

U- _ _ _ 
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AMMONIA/NITROGEN  DIOXIDE  REACTION  KINETICS 
2  (INCH)  QUARTZ  DUCT t  NITROGEN  CARRIER 

LOGlOtRATE  CONSTANT)  M=  0.00  A=  1.00  B=  1.00  C=  0.00  187  POINTS 


E 


IOi 

rRo 


cs 

1FR 


B=  1.00  C=  0.00 


324  POINTS 


- 1 - 

- 1 - 

- 1 - 

- 1 

l 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

---1 - 

- 1 - 

- 1  — - 

- 1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

— 1 - 

- 1 - 

- 1 - 

- 1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

*  *  1  *  «■  1 

*  21  *  1 

*  *  *  1*322  1 

*  2  *  2*  **2  1 

= - *2-2-23 - 1 

*N^*2  **  **2  **  * 

*22>2  1**  *  *4*  1 

t  1  *  *  *  *  *  l 

*3*3*k  *  2221 

- *4***1-^* - *22 

2  *  **  1  *S?  32** 

3  **  \2  2 


1 - 


*  ***  111 
*  2221  1  i 

*N?  32***  *  *  1  1 

>\2  22  *  **1  1 

*  *  ^V-it  **2*1  1 


7.600 


1 

1 

1 

1 

1 - 

1 

i 

1 

1 

1 - 


1  1  *  1***  2*S  **  * 

1  1*  *  i  *  2  »\l*  * 

1  1  1  *  *2  *  IS*  * 


1.02 

1000/T  (1/DEGX 


F 
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TABLE  28.  Summary  of  ammonia/oxygen  reaction  rate 

constants,  air  carrier 
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TABLE  29.  Summary  of  ammonia-hydrogen/nitrogen  dioxide 
reaction  rate  constants,  nitrogen  carrier 


rate  equation 


dCNVin]  s  _k[NHj  + 
o  t 


■ 


k  =  10  exp  (-E/RT) 


(cc/mole  sec) 


(sec  *) 


duct  diameter  [in] 


duct  material 


quartz 


T  [°K] 


910-980 


.24-. 5 


[NH3+^H2]ox107 [moles/cc] 
data  points 


58-1.0 


1. 1-2.0 


E [kcal/mole ] 
<T~E  [kcal/mole  ] 


+65.9 


23.44 


+48.2 


12.63 


1249] 

AMMONIA+HYDROGENI 2-1) /NITROGEN  DIOXIDE  REACTION  KINETICS 
4  (INCH)  OUARTZ  DUCT;  NITROGEN  CARRIER 


LUG1 0 (RATE  CONSTANT)  M=  0.00  A=  1.00  B=  1.00  C=  0.00 


96  POINTS 


9.200  1* 

1 

1 

\ 

X 

1 

9.000 


fi.800 


8.600 


8.400 


8.200 


8.000 


7.800 


7.600 


7.400  1— 

1 
1 
1 
1 

7.200  1  — 

1.00 


1 

1 

1 


1- 

1 

1 

1 

1 


1- 

1 

1 

1 

1 


1- 

1 

1 

1 

1 


*  * 


1- 

1 

1 

1 

1 


1 

1 

1 

1 

—  i  — 

1.02 


I 

1 

1 

1 

1.04 


1 

l 

1 

1 

1.06 


1 

1 

1 

1 

1.08 


—  1  — 
1 
1 
1 
1 

—  1  — 

1.10 


•1 

1 

1 

1 

1 


1  — — 

- 1 — - 

- 1 - - - 

- 1 - 

— — 1 

- 1 - - 

- 1 

1 

1 

1 

1 

1 

1 

1 

1 

1 

*  1 

1 

1 

1 

1 

1 

1* 

1 

1 

1 

1 

1 

1 

1 

1  * 

1 

1 

1 

1 

1 - 

- 1  -  - - 

- 1 - 

- 1 - 

- - -  1 - - - 

- 1 

—  1 
1 
1 
1 
1 

—  1 

1.12 


1000/T 


(l/DEGK) 


FIGURE  62 
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TABLE  30.  Summary  of  ammonia-hydrogen/oxygen  reaction 
rate  constants,  nitrogen  carrier 


rate  equation 

dO»H,l+iM  l  =  _k[NH}  4  iHj°[04b 
dt 

a 

1.0 

1.0 

b 

1.0 

0 

k  =  10A  exp 

(-E/RT) 

[cc/mole  sec] 

ESI 

duct  diameter  [in] 

4 

duct  material 

quartz 

T  [°K] 

1230-1300 

*o 

.28-. 5 

[NH3  +  3sH2]0  xlO7  [moles/cc] 

.6-. 5 

data  points 

80 

E  [kcal/mole] 

+61.9 

+48.3 

[kcal/mole] 

Em 

3.4 

3.9 

A 

19.64 

10.28 

.72 

.84 

1 


moo/T 


1/DCGK) 


1 


TABLE 


rate  equation 


dCRjMa] 

—37—  -  -k  W 

k  =  10A  exp  (-E/RT) 


[sec-1] 


duct  diameter  [in] 
duct  material 


T  [°K] 


[N2H4]q  x  10  [moles/cc] 
data  poincs 


step  I 

reduction  of 
N02  to  NO 


4 

quartz 


step  II 

reduction  of 
NO 


E  [kcal/mole ] 
[kcal/mole ] 


8.43 

.28 


10.17 

.55 
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HYDR \Z INE/NI TROGEN  DIOXIDE  REACTION  KINETICS 
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HYDRAZ INE/NI TRQGEN  DIOXIDE  REACTION  KINETICS 
4  (INCH)  QUARTZ  DUCT,  NITROGEN  CARRIER 


LOGIOCRATE  CONSTANT)  M=  0.00  A=  1.00  B=  0.00  C=  0.00 
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TABLE  32.  Summary  of  hydrazine/oxygen  reaction  rate 
constants,  nitrogen  carrier 


j 

i 


rate  equation 

^1  -k,W 
k  =  10A  exp  (-E/RT) 

[sec~^] 

duct  diameter  [in] 

4 

duct  material 

quartz 

T  [°K] 

950-1010 

.2-. 5 

[N2H43o  x  107  [moles/cc] 

.6-1.4 

data  points 

183 

E  [kcal/mole  J 

+37.2 

1  CT“p  [kcal/mole  ] 

2.4 
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HYDRAZ I NE /OXYGEN  REACTION  KINETICS 

4  (INCH)  QUARTZ  DUCT «  NITROGEN  CARRIER 

LOGlOiRATE  CONSTANT)  M=  0.00  A=  I. 00  B=  0.00  C=  0.00 
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TABLE  33.  Summary  of  hydrazine/decomposed  nitrogen  dioxide 
rate  constants,  nitrogen  carrier 


rate  equation 

dCdt*^  ~  "k[N2H4] 

k  =  10Aexp  (-E/RT)  [sec  -1] 

duct  diameter  [in] 

4 

duct  material 

quartz 

T  t°K] 

960-1020 

.15-. 45 

[N2H4]q  x  107 [moles/cc] 

.35-. 50 

data  points 

44 

E [kcal/mole] 

t 

+39.1 

cr^,  [kcal/mole] 

2.3 

A 

10.35 

CJ~  \ 

A 

.50 

*  j-nto... 
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HYDR AZ INE/DECOMPOSED  NITROGEN  DIOXIDE  REACTION  KINETICS 
4  (INCH)  OUARTZ  DUCT,  NITROGEN  CARRIER 

LOGIO(RATE  CONSTANT)  M=  0.00  A=  1.00  B=  0.00  C=  0.00  44  POINTS 
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TABLE  34.  Summary  of  hydrazine/  nitric  oxide  reaction 
rate  constants,  nitrogen  carrier 


rate  equation 

‘*UUI  =-ktN1Hja 
at 

a 

1.00 

0.75 

** 

II 

exp  (-E/RT) 

• 

[sec”1] 

[  (moles/cc)”*75  sec”1  ] 

duct  diameter  [in] 

2 

duct  material 

quartz 

T[°K] 

980-1060 

0 

.3-1.0 

[NjH^]  x  10^ [moles/cc] 

.5-. 7 

data  points 

243 

E [kcal/mole] 

+45.4 

+30.7 

<j-  E  [kcal/mole] 

1.5 

1.2 

A 

11.48 

6.40 

A 

.32 

.27 
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HYDRAZINE/NITRIC  OXIDE  REACTION  KINETICS 

4  (INCH)  QUARTZ  DUCT,  NITROGEN  CARRIER 
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HYDRAZINE/NITRIC  OXIDE  REACTION  KINETICS 

A  (INCH)  QUARTZ  DUCT  *  NITROGEN  CARRIER 

LOGIO (RATE  CONSTANT)  M=  0.00  A=  .75  B=  0.00  C=  0.00  243  POINTS 
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APPENDIX  B .  DERIVATIONS 

B.l  Determination  of  the  rate  constant  from  the  reaction  rate 
It  was  shown  in  Section  3.1.1  that  the  reaction  rate  can 
be  determined  from  the  measured  quantities  as 


dCAil  r .  -l  To  Tf  dT 

dt  =  ~L  'l°  T*(T,-T.)  dt 


The  general  rate  equation  is 


dCA,3 

dt 


**  ni 

-  kTVAi 
U» 


EB  (1) 


EB  (2) 


The  convection  is  adopted  that  reactant  A^  is  chosen  to 
be  that  reactant  which  is  consummed  first.  Equating  EB(1) 
and  EB(2)  gives 


t*.].  T0T4  dT 

t*(t« dt 


The  concentration  of  reactant  A^  is  assumed  proportional 
to  the  temperature  change,  so  that 


[Ail 


T-f-T 
Tf  -Te 


£*s«3** 


i 
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The  ratio  Tq/T  represents  the  change  in  density  or  total 
concentration/  with  temperature.  Also  mole  fractions  are 
introduced. 


The  product  term  now  becomes 


« 


m 


t-Z 


EB  (4) 


Substituting  EB  (4)  into  EB(3)  gives 


lA  1  T  r4-T  dt 


EB  (5) 


1 

i 


i 
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The  determination  of  the  various  x^  depends  on  the 
initial  conditions  and  extent  of  reaction.  For  the  con¬ 
centration  of  reactants, 


X, 


Tj  -T 
T*  -T0 


-  ^xo  ~  (xi«  ~ 

« 


where 


ml 


moles  reactant  m  consummed 
moles  reactant  1  consummed 


For  the  products 


xp  —  (*IO  -X;)  ^P| 
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where 


q _  moles  product  p  produced 
P*  -  moles  reactant  1  consummed 


or  if  the  specie  Ac  is  of  constant  concentration 


Xc  ““  XtO 


The  assumptions  explicit  and  implicit  in  thus  cal¬ 
culating  the  rate  constant  can  be  shown  to  result  in. 
errors  which  are  small  compared  to  the  experimental  un¬ 
certainties.  Since  in  all  cases  there  exists  a  large 
non-reactive  carrier  dilution,  fluid  properties  vary  little 
through  the  reaction  zone,  as  is  important  in  justifi¬ 
cation  of  the  assumption  of  constant  specific  heat.  The 
change  in  specific  heat  with  temperature,  which  also  is 
neglected,  is  only  about  2%  for  a  given  run.  The  change 
in  density  with  a  net  change  in  the  number  of  moles  of 
gas  as  brought  about  by  the  reaction  is  accounted  for, 
but  is  also  a  small  effect. 


&iaak&*S£ : 


[266] 


B . 2  Estimation  of  the  uncertainty  in  the  leaction  rate 
constant  from  the  uncertainties  in  the  measured 
quantities 

The  reaction  rate  constant  for  an  nth  order  reaction 
with  a  reaction  rate  depending  upon  the  concentration  of 
a  single  specie,  or  for  an  overall  reaction  order  of  n 
with  a  reaction  ratio,  =  1.0,  is  given  by 


k  =  constant  Tf 


(t4-t0)"-' 

(T4  -  T)n 


dT 

dx 


EB  (6) 

Following  the  method  of  reference  (115),  the  uncertainty 
in  the  rate  constant  is  approximately 


IBBBT^aasSsjESl 
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The  relative  uncertainty  is  given  by  dividing  the  above 
expression  by  k  to  give 


EB  (8) 


The  terms  in  parentheses  are  recognized  to  be  the  partial 
logarithmic  derivatives 


^  £nn  k 


u 


and  can  be  evaluated  from  EB  (4)  as 


btnV.  aT< 

dx,  T<  =  "tv 


^  k 

^  (Tf  -To) 


“-T*  -To 


(n-i) 


aT^  -To 

“If  -To 


Zy\  k 

Mt+  -t'i 


—  n 


U-Xj  -T 

T4  —  T 


^  k 


“-dr  •=. 


^  JL*n  k 
&V© 


dr 

dx 

Uvo 

V0 


v  jr;  .  •  >*■  fi V •  & ■¥•*» ^*‘^WV«!{. 
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The  terms  (Tf  -  T  )  and  (Tf  -  T)  are  treated  as  measured 
quantities  because  uncertainties  in  the  temperature  are 
likely  to  be  systematic  rather  than  random  so  that 


UTt  -To  <  a-r+  •>"  UT0 


The  relative  uncertainties  in  the  measured  quantities  are 
estimated  to  be 


a 


Tx  -T, 


T*-Tt 


.IO 


u. 


T4 


-T 


r4  -t 


.  IO  +0  .5*0 


The  higher  veilue  for  the  last  uncertainty  corresponds 
to  the  data  taken  near  the  end  of  the  reaction  zone  where 
T  approaches  Tf.  The  "tail  end”  of  the  data,  about  the 
last  10  degress  temperature  rise  of  the  reaction,  is  always 
discarded  because  of  this  difficulty. 
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iT 

ciX 


•  05 


-  05 


The  uncertainties  in  the  rate  constant  can  be  estimated 
from  EB  (8) .  For  a  first  order  reaction  the  uncertainties 
are  12  to  51%  and  for  a  second  order  reaction, 
to  100%. 
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B. 3  The  relation  between  reaction  rate  and  reaction  time 


For  a  non-isothermal  reaction,  the  calculation  of 
a  reaction  time  must  involve  consideration  of  the  change 
in  the  rate  "constant"  with  temperature.  Similarly,  in 
non-isothermal  experiments  in  which  a  reaction  time  is 
measured,  the  temperature  dependence  of  this  reaction 
time  requires  careful  interpretation. 

Consider  a  first  order  reaction  whose  rate  is  given 
by 


EB  (  V 


where 


X= 


CA]_ 

IM. 


fraction  of  reactant  A  unreacted 


M 

CA3o 

K 


concentration  of  reactant  A 
initial  concentration  of  reactant  A 
rate  constant 


It  is  further  assumed  that  the  rate  constant  is  expressible 
in  the  Arrhenius  form 


k  =  10A  exp  (-E/RT) 


EB  (10) 
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and  that  the  temperature  is  linearly  dependent  upon  the 
fraction  of  A  reacted 

T  «  T+  -(V*  -T0)X 

or 


EB  (11) 

The  rate  "constant"  may  now  be  written  in  terms  of  the 
fraction  unreacted  as 


This  is  equivalent  to  writing  the  rate  constant  in  terms 
of  the  initial  temperature,  as 


EB  (13) 


j 


“usansasasaaa? 
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where  the  "effective"  activation  energy,  E*,  is  defined 
as 


EB  (14) 


For  an  exothermic  reaction 


X  £  I 

so  that  from  EB(14)  we  see  that 


EB  (15) 

For  a  reaction  in  vhich  there  is  a  temperature  rise, 
the  "effective"  activation  energy,  that  is,  the  activa¬ 
tion  energy  corresponding  to  isothermal  reaction  at  temper¬ 
ature  T  ,  is  less  than  that  appearing  in  the  Arrhenius 
expression.  Experiments  in  which  the  extent  of  reaction 
is  determined  as  a  function  of  an  initial  temperature. 


t 
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but  for  which  there  is  a  temperature  rise  during  the 
experiment#  will  result  in  fictiously  low  activation 
\  energies#  and  fictiously  high  rates.  In  highly  diluted 
I  reactions#  or  in  reactions  whose  progress  is  measured 
j  before  significant  temperature  rise  occurs#  this  effect 
>  is  negligible. 

The  extent  of  reaction  may  be  determined  for  a  non- 
isothermal  first  order  reaction  by  integration  of  equa¬ 
tion  EB (9)  to  give 


r 


EB  (16) 


For  an  isothermal  reaction,  T  =  =  T  # 

f  o 


1 


I 


\ 


I 

\ 


EB  (17) 
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The  reaction  half  time  is 


i.  = 

*  k 


EB  (18) 


or  a  "time  constant"  for  the  reaction  can  be  defined  by 
the  time  to  go  to  1  -  or  63%  of  completion  , 


For  a  non-isothermal  reaction,  the  determination 
of  a  reaction  time  is  more  difficult.  Integration  of 
EB  (16 )  was  carried  out  numerically  for  the  non-isothermal 
case  and  the  results  are  presented  for  the  particular 
case  of  the  time  required  to  reach  one-half  completion 
of  the  reaction.  Figure  70. 


REACTION 
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APPENDIX  C.  DATA  REDUCTION  AND  ANALYSIS  PROGRAMS 

The  FORTRAN  statements  of  the  data  reduction  and 
analysis  programs  written  for  an  IBM  1620  computer  with 
40000  bit  core  storage  and  on-line  printer  are  presented 
in  this  apprendix.  Five  different  programs  are  required, 
primarily  because  of  machine  size  limitations,  but  also 
to  facilitate  data  handling. 

Part  1:  Determination  of  flov;  rates 


Experimental  measurements  are  transformed  into  flow 
parameters  through  application  of  appropriate  calibration 
tables  and  correction  for  temperature,  pressure,  and  mole¬ 
cular  weight  effects.  Molar  flow  rates,  mcle  fractions, 
equivalence  and  reaction  ratios  are  calculated. 

Part  2:  Determination  of  rates 

The  output  of  Part  1  is  combined  with  the  tempera¬ 
ture  profile  information  and  reaction  rates  are  calculated. 
Rate  constants  according  to  four  different  prescribed  re¬ 
action  rate  equations  ::e  calculated.  The  output  consists 
of  a  printed  record  of  the  rate  constant  information  and 
a  punched  output  for  use  in  the  following  three  parts  of 
the  data  reduction  program. 

Part  3:  Minima  and  maxima 

The  output  of  the  previous  part  is  searched  and 
the  extreme  values  of  the  rate  constants  and  temperatures 
determined. 
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Part  4:  Plot  program 

The  base  10  logarithms  of  the  rate  constants  are 
plotted  as  a  function  of  reciprocal  temperature  for  each 
of  the  rate  equations.  The  plotting  subroutine  itself 
is  not  presented  but  is  available  in  both  SPS  and  FORTRAN 
language  forms  from  the  Computing  Group,  Guggenheim  Labora¬ 
tories,  Forrestal  Research  Center,  Princeton,  New  Jersey. 

Part  5:  Statistical  analysis  of  rate  data 

The  output  of  Part  3  is  analyzed  statistically  to 
produce  at  least  squares  best  fit  to  a  linear  relation 
between  the  logarithm  c c  the  rate  constant  and  the  re¬ 
ciprocal  temperature.  The  preexponential  factor  and 
overall  activation  energy  of  the  Arrhenius  rate  expres¬ 
sion  are  determined  as  are  tv  '  standard  deviations  in 
these  two  constants . 

Sample  outputs  of  Parts  1  and  2  are  presented  at  the 
end  of  this  appendix. 


oooooooooooooooOooo<"'oooor>ooooor>ooc>ooooooc>ooooo  o  o  o  o  o  o 
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FLOW  REACTOR  OATA  REDUCTION  PROGRAM,  PART  1 

SP14.1.2 

ROBERT  F  SAWYER 

DETERMINATION  OF  FLOW  RATES 


DIMENSION 

DIMENSION 

DIMENSION 

COMMON 


NT(ll),TX(ll,5),TY(Ilf5),X(ll),Yill),mil),DYDXUI) 
ABC ( 1 1 , 10 ) , DATE ( 5 ) t CC ( 9 I » CX ( 11 ) ,WDOT (4) , VDOT (4 ) ,XV ( 4) 
DUCT ( 10 )  ,  L  ( 1 1 ) 

TX,TY,N7,Y,IT,DYDX 


DIMENSION  CONVENTIONS 


INPUT 

REFERENCE  TEMPERATURES  DEGK 

REFERENCE  PRESSURES  ATMA 

DUCT  DIAMETER  IN 

MANOMETER  READINGS  IN  HG 

PRESSURES  PSIG 

TEMPERATURES  DEGF 

BASE  TEMPERATURE  MV 

OUTPUT 

TEMPERATURE  DEGK 

PRESSURE  ATMA 

AREA  CM2 

FLOW  RATE  MOLE/SEC 


CONSTANTS 

Cl  EQUIVALENCE  CONSTANT  G/F  STOIC 
C2  CHART  CONSTANT 

C3  MOLE  INCREASE  CONSTANT  MOLE  PRODUCTS/MOLE  REACTANTS 
C4  REACTION  CONSTANT  0/F  CONSUMED 
C5  OXIDIZER  INJECTION  PORT 

C6  DILUENT  INJECTION  LOCATION  (0=MANIFOLD»  1=EVAP0RAT0R ) 
C7  MEAN  SPECIFIC  HEAT,  (CAL/MOLE-DEGK) 

C8  HEAT  OF  REACTION! PER  MOLE  OF  FUEL ) /SPEC IF IC  HEAT ( BULK ) 
C9  OXIDIZING  CARRIER  FRACTION 


INPUT  OF  TABLES 
TABLE  NUMBER  1 

TABLE  NUMBER  2  CARRIER  ORIFICE 
TABLE  NUMBER  3  CARRIER  TEMPERATURE 
TABLE  NUMBER  4  DILUENT  ORIFICE 
TABLE  NUMBER  5  DILUENT  TEMPERATURE 
TABLE  NUMBER  6 

TABLE  NUMBER  7  FUEL  ORIFICE 
TABLE  NUMBER  8  FUEL  TEMPERATURE 
TABLE  NUMBER  9 

TABLE  NUMBER  10  OXIDIZER  ORIFICE 
TA8LE  NUMBER  11  OXIDIZER  TEMPERATURE 

\ 

READ  900,  NNT 
DO  100  NTBL=1*NNT 

READ  901,  ( A8C(NTBL, I )»I=1,10)»NT<NTBL) 


bmu-' 


i 

\ 

t 


i 


C 

C 

c 


c 

c 

c 


c 

c 

c 


MNT=NT (NT8L ) 
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READ  902,  (TXiNTEL* Ii »TYI NTBL, I  )*  1  =  1, Mf 

r>  miT 


MMT  \ 


100  CONTINUE 


INPUT  OF  HEADINGS 

READ  912, DATE 
READ  910 
READ  911 

INPUT  OF  PRELIMINARY  DATA 
READ  956,  CC 

READ  956,  CTR,CMWR ,DTR»DMWR, FTR»FMWR,OTR»OMWR 

READ  956,  DPR,FPR 

READ  920,  C»CMW»D»DMW»F,FMW,0»0MW 

READ  921,  DUCT , DUCTD 

PUNCH  957,  ICC( I ) *1—1*8) 

NCC5=CC ( 5 ) 

CONVERT  DUCT  DIAMETER  TO  CENTIMETERS,  CALCULATE  AREA 


XDUCTD=2.54*DUCTD 
DUCTA-3. 1416*XDUCTD**2/4. 

C 

C  PRELIMINARY  OUTPUT 

C 

PRINT  950,  DATE 
PRINT  910 
PRINT  911 
PRINT  951 
DO  200  NTBL=1,NNT 

PRINT  952,  NTBL, <ABC(NTBL» I  ),I  =  1,10) 

MNT=NT (NTBL ) 

PRINT  953,  (TX(NTBL,I),TY(NTBL,I), I- 1 ,MNT ) 

200  CONTINUE 
PRINT  955 
PRINT  957,  CC 

PRINT  956,  CTR , CMWR , DTR , DMWR , F TR , FMWR , OTR »OMWR 
PRINT  956,  DPR, FPR 
PRINT  920,  C»CMW,D,DMW,F»FMW»0»0MW 
PRINT  954,  ( DUCT (1), 1=1, 10), XDUCTD 
C 

C  INPUT  TARE  DATA 

C 

READ  922,  NRUN,CX 
C 

C  OUTPUT  TARE  DATA 

C 


PRINT  970 
PRINT  963 

PRINT  967,  CX(2),CX(6),CX(9),CX(10) 
PRINT  968,  CX(3),CX(5),CX(8),CX( 11) 
PRINT  969,  CX(4) ,CX(7) 

C 

C  INPUT  RUN  DATA 

C 


I 


111  READ  922,  NRUN,X 

IF CNRUN-11 1111112,100, 112 
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r 


C 

C 

112 


C 

C 


OUTPUT  RUN  DATA 


PRINT  960, 
PRINT  910 
PRINT  911 
PRINT  961, 
PRINT  962, 
PRINT  982, 
PRINT  963 
PRINT  964, 
P°. INT  965, 
PRINT  966 
PRINT  967, 
PRINT  968, 
PRINT  969, 


DATE 


NRUN 

xm 

NCC5 


C , D, F ,  0 

CMW , DMW , FMW , OMW 

X<2) ,X(6) »X(9) ,X( 10) 
X ( 3 ) , X  <  5 ) ,X(8)  ,X( 11) 
X  (  4  )  »  X  (  7  ) 


TARS  CORRECTIONS 


DO  210  1=1,11 
X(!)=X(I)-CX(I) 

210  CONTINUE 
C 

C  PRELIMINARY  CALCULATIONS 

C 

C  CONVERT  TO  DEGK  AND  ATMOSPHERES 

C 

X ( 2 ) = ( X ( 2 ) +14.69 )/ 14.69 
X(3)=(X(3)+459.74)/l*8 
X ( 5 ) = ( X { 5 ) +459*74) / 1 .8 
X(6)=(X(6)+14. 691/14. 69 
X(8)=(X(8)+459.74)/1.8 
X (9 )= ( X ( 9 1+14.69 1/14.69 
XI 10)= C  X  < 10 1  +  14.69) /14. 69 
X ( 1 1 ) = ( X  < 11 1+459.74)/ 1.8 
C 

C  TEMPERATURE  CALIBRATIONS 
C 

1=3 

CALL  INTER ( X , I ) 

X(I  )  =  Y ( I ) 

1  =  5 

CALL  INTER ( X , I ) 

X(I)=YU) 

1=8 

CALL  INTER  (X  M 
X ( I  )  =  Y ( I  ) 

1  =  11 

CALL  INTER ( X, I ) 
xm=Ym 
c 

C  OUTPUT  CORRECTED  INPUTS 

C 

PRINT  971 

PRINT  977,  X(2) ,X(6),X<9) ,X( 10) 
PRINT  978,  X(3)»X(5)»X(8)»X(11) 
PRINT  969,  X ( 4 ) ,X { 7 ) 

C 

C  FLOW  CALCULATIONS 


O  O  O  o  o  o  o^o  OoO  OOO  O  o  o  o  o  o 


f 
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X(4)=X<4)**.5 

X(7)=X(7)*««5 

1=2 

CALL  INTER ( X » I  > 

1=4 

CALL  INTER ( X » I  ) 

1=7 

CALL  INTER ( X » II 
1  =  10 

CALL  INTER ( X » I  ) 

MASS  FLOW  RATES 

WD0T(1)=Y(2>*{ ( CMW/CMWR ) * ( CTR/X ( 3 ) ) )  **•  5 
WD0T(2)=Y(4)*( { DMW/DMWR >*(DTR/X(5) )  *  {  X  { 6 ) /DPR  I ) *» • 5 
WDOT ( 3  >=Y { 7 ) * ( { FMW/FMWR ) * ( FTR/X ( 8 ) ) * ( X ( 9 ) /FPR ) ) **  .  5 
WDOT ( 4 )  =  Y ( 10 ) * ( (OMW/OMWR ) * (OTR/X ( 11 )  )  >**.5 

MOLE  FLOW  RATES 

VOOTI 1)=WD0T< 1)/CMW 
VDOT { 2 )=WDOT ( 2 ) /DMW 
VOOT ( 3 ) =WDOT ( 3 ) /FMW 

CORRECTION  FOR  DILUENT  INJECTION  INTO  EVAPORATOR 

VD0T3=VD0T <  3 ) 

IF (CC (6) >229,229*220 
220  VDOT ( 3 ) =WDOT ( 3 ) / ( DMW+FMW ) *2 • 

VD0T3= VDOT ( 3 ) -VDOT { 2 ) 

229  VDOT (4>=WD0T(4) /OMW 

T VDOT= VDOT ( 1 ) +VDOT ( 2 ) +VD0T3+VD0T ( 4 ) 

MOLE  FRACTIONS 

DO  230  I  =  J, 4 

230  XV i I )=VOOT ( I ) /TVDQT 

EQUIVALENCE  RATIO 

VD0T4= VDOT ( 4  M-CC ( 9 ) * VDOT ( 1 ) 

ER=CC ( 1 ) *VD0T3/ VD0T4 
RR=CC(4)*VD0T3/VD0T4 

OUTPUT  FLOW  CALCULATIONS 

PRINT  972 
PRINT  973,  WOOT 
PRINT  974,  VDOT 
PRINT  975,  XV 
PRINT  976,  ER 
PRINT  981,  RR 

DETERMINE  AND  PRINT  PARAMETERS  OUTSIDE  RANGE  OF  TABLES 


11=0 

DO  240  1=1 »NNT 

IF  < IT « I ) >241,240,241 


O  O  o  ooo  ooo 


900  FORMAT (15) 

901  FORMAT! 10A4, 15) 

902  FORMAT ( 2F 10 «0 ) 

910  FORMAT ( 72H 

1  ) 

911  FORMAT ( 72H 

1  ) 

912  FORMAT ( 5A4 ) 

920  FORMAT (4(A4»6X»F10«0) ) 

921  FORMAT ( 10A4»F10»0) 

922  FORMAT ( 1 5  » 1 1F5  *0 ) 

950  FORMAT ( 1H1 »  51X  »  5A4// ) 

951  FORMAT ( //38H  TABLES  OF  CALIBRATIONS  AND  OTHER  DATA) 

952  FORMAT ( // 15H  TABLE  NUMBER  1 2 , 3X , 10A4/ / ) 

953  FORMAT (2( 10X»F10.4) ) 

954  FORMAT ( ///1X10A4»5X» 10HDI AMETER  =  F6 . 2, 2X ,4H (CM ) // ) 

955  FORMAT ( / / 10H  CONSTANTS//) 

956  FORMAT(8F10.4) 

957  FORMAT (7F10*4»F10*3) 

960  FORMAT (42H1CHEMICAL  KINETICS  FLOW  REACTOR  DATA  SHFET 10X5A4/ ) 

961  FORMAT { /11H  RUN  NUMBER56XI 5// ) 

962  FORMAT ( //25H  PROBE  BASE  (MVJ41XF6.3) 

963  FORMAT (30X7HCARRI ER5X  7HDI LUENT7X4HFUEL5X8H0X ID  I ZER / ) 

964  FORMAT ( 9H  CHEM I CAL2 3X4 ( A4 , 8X ) ) 

965  FORMAT ( 17H  MOLECULAR  WE  I GHT 1 3X4( F6 . 2 1 6X ) / ) 

966  FORMAT (6H  INPUT) 

967  FORMAT ( 25H  PRESSURE  ( PS IG ) 5X4( F6. 1 ,6X ) ) 

968  FORMAT ( 25H  TEMPERATURE  ( DEGF ) 5X4 ( F6 .0  ,6X )  ) 

969  FORMAT ( 25H  MANUMETER  ( INHG ) 1 7X2 ( F6. ? ,6X ) / ) 

970  FORMAT ( 1 1H  TARE  INPUT/) 

971  FORMAT ( 10H  CORRECTED) 

972  FORMAT ( 11H  CALCULATED) 

973  FORMAT ( 25H  FLOW  RATE  ( GM/SEC ) 3X4 ( F8 .4 , 4X ) ) 

974  FORMAT ( 25H  FLOW  RATE  <M0LE/SEC)3X4(F8.5t4X ) ) 

975  FORMAT ( 16H  MOLE  FRACTI ONI 3X4 ( F7. 5, 5X ) // } 

976  FORMAT ( 18H  EQUIVALENCE  RAT  1 048XF6 . 3 ) 

977  FORMAT ( 25H  PRESSURE  ( ATMA ) 5X4( F6.2 ,6X ) ) 

978  FORMAT ( 25H  TEMPERATURE  ( DEGK ) 5X4 ( F6 .0 ,6X ) ) 

979  FORMAT (I5t7E10«3) 

980  FORMAT  ( 42H  RANGE  OF  THE  FOLLOWING  'i  ABLE  ( S )  EXCEEDED  1113//) 


O  O  O  o  o  o 


I 

a**«s«asa-  r 
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981  FORMAT ( 15H  REACTION  RAT  1 05 1 XF6 . 3// ) 

982  FORMAT ( 24H  OXIDIZER  INJECTION  P0RT47XI1//) 

END 


SUBROUTINE  INTER ( X « I ) 

INTERPOLATES  AND  EXTRAPOLATES  IN  CALIBRATION  TABLES 

DIMENSION  NT ( 1 1 ) » TX ( 1 1 «  5 ) t TY ( 1 1 1  5 ) f  X ( 1 1 ) * Y ( 1 1 ) 1 1 T ( 1 1 ) « DYDX ( 1 1 ) 
COMMON  TX,TY,NTtY, IT,DYDX 

NNT  =NT ( I ! 

DO  11  J=i »NNT 
IF(Xm-TX(I,  J)  )10*10,11 
11  CONTINUE 


IT  = 

-1 

X 

TOO 

LARGE 

IT  = 

0 

X 

IN 

TABLE 

IT  = 

1 

X 

TOO 

SMALL 

J=J-1 
I T ( I )=-l 
GO  TO  22 

10  I F ( J-l ) 20 1  20»  21 

20  IT ( I  )=  1 
GO  TO  24 

21  IT ( I  )=0 

22  OX=TX(I,J)-TX(I, J-l) 
DY=TY(I»J)-TY(I»J-li 
DYDX( I )=DY/DX 

IF  I  IT ( I ) )23,26,26 

26  Y  C I )=(X(I )-TX(I»J-l) )/DX*DY+TY( I »  J-l ) 
GO  TO  99 

23  Y(I)=(X(I )-TX(ItJ))/DX*DY+TY(I,J) 

GO  TO  99 

24  DX=TX(I,J+1)-TX(I,J) 
DY=TY(I,J+i)-TY(I,J) 

DYDXU  )  =DY/DX 

Y( I )=iX( I )-TX( I, J) }/DX*DY+TY{ I , J) 

99  RETURN 
END 


i 
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c 

c 

r 

o 

C 

C 

c 

c 

c 

c 

c 

c 

c 

c 

c 

c 

c 

c 

/"» 

u 

c 

c 

c 

c 

c 

c 

c 

c 

c 


c 

c 

c 


c 

c 

c 


c 

c 

c 


101 


c 

c 

c 


FLOW  REACTOR  DATA  REDUCTION  PROGRAM,  PART  2 
SP14.2.4 

DOQCOT  C  CAUVCD 

DETERMINATION  OF  RATES 


SENSE  SWITCH  1  SUPPRESS  PRINT 
SENSE  SWITCH  2  SUPPRESS  PUNCH 

SENSE  SWITCH  3  USE  INPUT  INITIAL  TEMPERATURE,  OTHERWISE 

CALCULATES  A  VALUE  FROM  C8 

DIMENSION  CONVENTIONS 


TEMPERATURES 

THERMOCOUPLE 

AREA 

FLOW  RATE 
SLOPES,  CHART 
SLOPES,  OUTPUT 
VELOCITY 
RATE,  R1 

RATE,  R2  THRU  R5 
DENSITY 

HEAT  OF  RFACT ION 


DEGK 

MV,  0  DEGC  BASE 
CM2 

MOLE/SEC 

ABSOLUTE 

DEGK/CM 

CM/SEC 

1/SEC 

( { CM3/M0LE ) ** ( A+B+C-l ) >/(SEC  DEGK**M) 
M0LES/CM3 

CAL/MOLE  FUEL  REACTED 


DIMENSION 

DIMENSION 

DIMENSION 

DIMENSION 

DIMENSION 

DIMENSION 

COMMON 


T ( 20 ) , S ( 20 ) , Y ( 20 ) , TT ( 20 ) , RT ( 20 ) , SS ( 20 ) , DYDX ( 20 ) 
X { 20 ) , DATE ( 5 ) » FR ( 20 ) 

V(20) ,R<20),TR(20),XV(4> ,RL(5,20> ,RR(5,20) 

TX( 1,80), TY II, 80), NT  I  20), IT (20) 

ABC (1,10) 

CC ( 4, 5 ) 

TX,TY»NT,Y,IT ,DYDX 


INPUT  THERMOCOUPLE  TABLE 

READ  901,  (ABC(l,I),I=l,10)rNT(l) 
MNT=NT( 1) 

READ  902,  (TX(1,I),TY(1,I),I=1,MNT) 

OUTPUT  TABLE 

J=1 

PRINT  952,  J , ABC 

PRINT  953,  ( TX ( 1 , I  )  , TY { 1 , I ) , I  =  1 ,MNT ) 

INPUT  HEADINGS 

READ  910 
READ  911 

READ  912, \ DATE (I  ) , 1  =  1 , 5 ) 


INPUT  CONSTANTS 


READ  918,  C1,C2,C3,C4,C5,C6,C7,C8 
READ  919,  CC 


C 

C 


PUNCH  CONSTANTS 


o  o  o  o  ooo  n  o  o  ooo  o  o  o  o 


tr- 


[285] 

C 

I F ( SENSE  SWITCH  2)100,99 
99  PUNCH  919,  CC 


INPUT  DATA  FROM  DATA  REDUCTION  PROGRAM,  FIRST  PART 

100  READ  977,  NRUN , X ( 1 ) , T VDOT , CTR , ER , XV ( 3 ) , XV ( 4 ) , DUCT A 
IF (NRUN- 1 111  1)102, 101, 102 
102  CONTINUE 

INPUT  CHART  DATA 

1=0 

311  1=1+1 

READ  922,  NDUM, T ( I ) ,S( I ) 

T (  I  )  =T ( I  )+X( 1) 

IF  (NDUM )310,311,311 
310  N I = I 

VC= 22400. *T VDOT/ DUCT A/ CTR 
DO  320  1=1, NI 
X ( 1 )=T ( I ) 

CALL  INTER ( X , 1 ) 

TT< I )=Y( 1) 

DYDX ( I )=DYDX( 1) 

320  CONTINUE 

HEAT  OF  REACTION 

IF(ER-1. )315,315,316 

315  H0R=C7*(TT (NI )-TT( 1) )/XV(3) 

GO  TO  317 

316  H0R=C7*(TT(NI )-TT( 1) )/XV(4) 

H0R=HQR*C4 

317  CONTINUE 

CALCULATION  OF  INITIAL  TEMPERATURE 

IF ( SENSE  SWITCH  3)327,324 

324  IF(ER-1.)325,325,326 

325  TT(1)=TT(NI )-C8*XV(3) 

GO  TO  327 

326  TT ( 1 )=TT(NI )-C8*XV(4)/C4 

327  CONTINUE 

DO  330  1=1, NI 

RT(I  )  =  1./TT(I)*1000. 

$S( I )=C2*S( I )*DYDX ( I ) 

CD=(TT( I )-TT( 1 ) ) /(TT(NI )-TT( 1 ) ) 

V ( I )=VC*TT ( I  ) 

CALCULATION  OF  FIRST  ORDER  RATE,  R1 
I F ( SS ( I )) 32 2,322, 321 

321  R( I )=SS(I )*V(I )*TT(NI )/TT(I)/(TT(NI )-TT( I)) 
RR(1,I)=R(I)*TT(I)**( -CC (1,1)) 

AR=RR (1*1) 

RL( 1, I )=LOGF( AR)/2.30 
GO  TO  330 


1 


*T 

"i. 


322 


330 

C 

C 

c 


350 

C 

C 

C 

C 

C 

C 

390 


400 

401 


C 

C 

C 

395 


410 

411 
420 


C 

C 

C 


421 


422 


430 

431 
C 

C 

C 
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RU  )=0. 

RR(ltI)=0. 

n  t  i  %  t  i  -  a 

IMUf  U  -u  • 

CONTINUE 

FRACTION  NOT  REACTED 
00  350  1=1, NI 

FR  (  I  )*- ■«  TT(NI  J-TTC  I  )  )/(TTCNI  )-TT<  1)  ) 

CALCULATION  OF  RATES,  R2  THRU  R5 

IF  <  ER-1* ) 390,390, 395 

OXIDIZER  RICH  CASE 

DO  401  I = 1 , N I 

XV3=XV ( 3 ) *FR ( I J+l.E-20 

XV4=XV(4)-(XV(3)-XV3)*C4 

RH0=273./TT( I J/22400. 

DO  400  M=2, 5 
EC 1=CC ( 2,M )-l • 

EC2=CC ( 2*  M  J+CC ( 3, M) +CC ( 4, M) -1 • 

XVC=1./(XV3**EC1*XV4**CC( 3,M)*RH0**EC2  *XV ( 4 ) **CC ( 4 ,M ) ) 
RR(M, I )=XVC*R( I )*TT( I ) ** ( -CC ( 1 , M ) ) 

CONTINUE 
GO  TO  420 

FUEL  RICH  CASE 

DO  411  1=1, NI 
XV4=XV (4 ) »FR ( . ' +1. E-20 
XV3=XV  (3)-(XVt-t)-XV4)/C4 
RH0=273./TT( I J/22400, 

00  410  M=2, 5 
EC 1=CC ( 3,H  )~1« 

EC2=CC ( 2, M )+CC( 3,M ) +CC ( 4, M ) -1 • 

XVC=l»/( XV3**CC( 2,M) *XV4«*EC1*RH0**EC2  *XV(4)**CC(4,M) ) 
RR ( M, I J =XVC*R ( I >*TT( I )**(-CC( 1*M) } 

CONTINUE 

CONTINUE 

TAKE  L0G10( RATES ) 

DO  431  1=1, NI 
DO  430  M=2 , 5 
I F ( R i I ) ) 421 ,422,421 
AR=RR(M, I ) 

RL(M,I)  =  LOGF ( AR ) / 2 • 30 
GO  TO  430 
RR(M, I )=0. 

RL(M,I )=0. 

CONTINUE 

CONTINUE 

REVERSE  SENSE  OF  FRACTION  REACTED 


DO  439  1=1, NI 
439  FR( I )=1*-FR( I ) 


i 


o  o  o  o  o  o  o  r»  O  O 
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PRINT  OUTPUT 

IFISENSE  SWITCH  1)440,435 
435  PRINT  960,  ( DATE ( II , I = I , 5 ) 

PRINT  910 
PRINT  911 
PRINT  961,  NRUN 
PRINT  940,  HOR 
PRINT  927 
PRINT  928 
PRINT  929 

PRINT  931,  (I,T(I),TT(I),Sm,SSm,V(I),FRm,I  =  l,NI> 

PRINT  930 

PRINT  941,  (CC( 1,M) ,M=1,5) 

PRINT  942,  (CC(2,K) ,M=1,5) 

PRINT  943,  (CC(3,M),M=1»5) 

PRINT  944,  (CC(4,M),M=1,5) 

PRINT  933 
PRINT  935 

PRINT  934,  (I»RT(I)»(RR(M,I)»M=1»5)»I=1»NI) 

PRINT  945 

PUNCH  PLOT  CARDS 

440  IF( SENSE  SWITCH  2)100,700 

700  DO  701  1=1, NI 

I F ( R ( I  1)701,701,702 

702  PUNCH  978,  NRUN ,RT ( I ) , (RL ( M, I ) , M= 1 , 5 ) 

701  CONTINUE 

GO  TO  100 
FORMATS 

901  FORMAT ( 10A4, I  5 ) 

902  FORMAT (2F12.0) 

910  FORMAT ( 72H 

1  ) 

911  FORMAT { 72H 

1  //) 

912  FORMAT ( 5A4) 

918  FORMAT ( 8F10.5 ) 

919  FORMAT  (4F1C.5) 

922  F0RMATU5, 11F5.0) 

927  FORMAT ( 16H  FLOW  CONDITIONS/) 

928  FORMAT ( 3X5HP0INT6X1HT9X1HT12X1HS9X1HS  9X1HV10X2HFR/) 

929  FORMAT! 14X2HMV7X4HDEGK10X 1H-7X4HD/CM6X6HCM/SEC8X IN-/ ) 

030  FORMAT ( //15H  RATE  CONSTANTS/) 

931  FORMAT !I7»F10.3»Fll.l,F11.2»FH.3*Fll.l,Fli.4) 

933  FORMAT ( 3X5HP0INT2X6H1000/T7X2HR 19X2HR29X2HR39X2HR49X2HR5/ ) 

934  FORMAT (I7»F9.4*2XE10.3»1XE10.3»1XE10.3,1XE10.3*1XE10.3) 

935  FORMAT! 10X6H1/DEGK8X 1H*10X1H*10X 1H*10X1H* 10X1 H*/) 

940  FORMAT ( 28H  HEAT  OF  REACTION  ( CAL/MOLE ) 34XF 10.0/ ) 

941  FORMAT  ( 6X 1HM8X5F 1 1 • 2 ) 

942  FORMAT  ( 6X 1HA8X5F 1 1 • 2 ) 

943  FORMAT  ( 6X 1H88X5F 1 1 . 2 ) 

944  FORMAT  ! 6X 1HC8X5F1 1 . 2/ ) 

945  FORMAT <//3X69H*  RATE  CONSTANT  DIMENS IONS= !! CM3/M0LE )** ( A+B+C-l ) ) / 


O  O  O  O  o  O 


I 


1 

»"  **  -  ‘‘'■’"•Kt  ”--V!aaWH8 genres 
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l (SEC  DEGK**M)  ) 

952  FORMAT ( / / 1 5H  TABLE  NUMBER  I  2 1 3X , 10A4// ) 

953  FORMAT! 2i iGXfFi0.4# ; 

960  FORMAT (42H1CHEMICAL  KINETICS  FLOW  REACTOR  DATA  SHEET 10X5A4// ) 

961  FORMAT ( 1 1 H  RUN  NUMBER56X I  5/ / ) 

977  FORMAT II5»7E10*3) 

978  FORMAT ( I 10t6F10»5) 

END 


SUBROUTINE  INTER(X,I) 


INTERPOLATES  AND  EXTRAPOLATES  IN  CALIBRATION  TABLES 

DIMENSION  TX( 1,80) »TY( It  80  I , NT ( 20 ) , Y ( 20 ) ,IT(20> ,DVDX(20) 
DIMENSION  X  1 20 ) 

COMMON  TX,TY,NT,Y, IT,DYDX 

NNT=NT ( I ) 

DO  11  J= 1 »NNT 
I F ( X ( I )-TX ( I , J ) ) 10,10,11 
11  CONTINUE 

IT  =  -1  X  TOO  LARGE 

IT  =  0  X  IN  TABLE 

IT  -  1  X  TOO  SMALL 

J  =  J-1 
IT ( I )=-l 
GO  TO  22 

10  IF ( J-l ) 20 , 20 »  2 1 

20  IT ( I  )=  1 
GO  TO  24 

21  I T ( I ) =0 

22  DX=TX( I , J)-TX( I , J-l) 

DY=TY( I* J)-TY( I, J-l) 

DYDX ( I )=DY/DX 

I F ( IT( I ) )23t26»26 

26  Y ( I )=(X( I )-TX< I, J-l) )/DX*DY+TY(I, J-l) 

GO  TO  99 

23  Y(I)=(X( I )-TX(I,J)  )/DX*DY+TY(  1 1  J> 

GO  TO  99 

24  DX=TX(i,J+l)-TX<I,J) 

DY=TY( I, J+1)-TY( It J) 

DYDX (I ) =DY/DX 

Y ( I )= ( X ( I )-TX( I, J))/DX*DY+TY( I, J) 

99  RETURN 
END 


*****************  ”-•*********** 
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FLOW  REACTOR  DATA  REDUCTION  PROGRAM,  PART  3 

SP14.3.3 

ROBERT  h  SAWYER 

FINDS  MINIMA  AND  MAXIMA  FOR  PLOT  ROUTINE 


SENSE  SWITCH  SETTINGS 

SS  1  PRINTS  PLOT  CARDS 

SS  2  PUNCHES  PLOT  CARDS 

DIMENSION  C i 4, 5 ) 

DIMENSION  X(6)»XMIN(6)»XMAX(6) 

>  -  ^ 

IOO  1=1,6 

.  )  =  0. 

,'lINU  )  =  l.E+20 

100  XMAXU  )=-l.E+20 
READ  903 

READ  904 
READ  905 
READ  906 
READ  906 
READ  906 
READ  906 
READ  906 
READ  906 
PRINT  907 
PRINT  903 
PRING  904 
READ  902,  C 

I F ( SENSE  SWITCH  1)500,501 

500  PRINT  900, (K,B, < C ( M, N ) , N= 1 , 5 > * M= 1 , 4) 

501  I F ( SENSE  SWITCH  2)510,511 

510  PUNCH  903 
PUNCH  904 
PUNCH  905 
PUNCH  902,  C 

511  CONTINUE 

101  READ  900,  NRUN, X 

IF (NRUN)300,300» 105 
105  K=K+ 1 

IF ( SENSE  SWITCH  1)  400,401 

400  PRINT  900,  NRUN,X 

401  IF ( SENSE  SWITCH  2)410,411 

410  PUNCH  900,  NRUN , X 

411  CONTINUE 

DO  200  1=1,6 

IF (X( I )-XMIN? II) 110* 111 v 111 

110  XMIN( I )=X ( I  ) 

111  IF (X( I )-XMAX( I ) ) 200, 200, 120 
120  XMAX ( I )=X ( I ) 

200  CONTINUE 
GO  TO  101 
300  PRINT  901 

PRINT  900,  K, XMIN 
PRINT  900,  K , XMAX 
GO  TO  99 

900  FORMAT (110, 6F 10 *5) 


O  o  OOOO0O0O0O0O0OOO 
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901  FORMAT ( 38H  MINIMA  AND  MAXIMA  OF  DATA  PLOT  POINTS//) 

902  FORMAT (4F10.5 ) 

903  FORMAT (72H 

i  ) 

904  FORMAT (72H 

1  ) 

905  FORMAT (72H 

1  ) 

906  FORMAT (IH  ) 

907  FORMAT (1H1) 

END 


***«*•« •**•**«»*«»»«*»«****«* « 


FLOW  REACTOR  DATA  REDUCTION  PROGRAM,  PART  4 

SP14.4.1 

ROBERT  F  SAWYER 

PLOT  PROGRAM 

SENSE  SWITCH  SETTINGS 

ALL  OFF  PLOTS  RATES  RI  THRU  R5  IN  SEQUENCE,  RETURNS  TO 

READ  NEW  SET  OF  PLOT  CARDS 

ON  SENSE  SWITCH  SETTINGS  ARE  READ  AS  A  BINARY  NUMBER 

(1234)  WHICH  IS  CONVERTED  TO  ITS  DECIMAL 
EQUIVALENT,  N,  THEN  RATE  TYPE  R ( N )  IS  PLOTTED 


DIMENSION  X(300) ,Y( 5,300), YY ( 300 > 
DIMENSION  YMAX(5),YMIN(5),NY(5) 

DIMENSION  AX( 20 ) ,C ( 4, 5 ) 


99  READ  900 
READ  901 
READ  912 

READ  902,  XMAX,XMIN»NX 
READ  902,  ( YMAX (I)»YMIN(I)»NY(I)»I=1,5) 
1  =  1 

READ  918,  C 

100  READ  910,  NRUN,X( I ) , (Y( J, I ), J=l,5) 

IF (NRUN) 102,102,101 

101  1=1+1 

GO  TO  100 

102  N= I 
J=0 
K=0 

103  CALL  SENSE  (M) 

J=M 


OOoOOOO  O  o  o  O  o  O 
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I F  (  J  )  1 20 » 1 10 , 120 

110  K=K+ 1 

*  —  1/ 

U“»' 

120  CONTINUE 

DO  200  1=1 »N 
200  YY ( I )=Y( J»  I ) 

YYM IN=YM IN ( J ) 

YYMAX=YMAX ( J ) 

NN=NY ( J ) 

PRINT  900 
PRINT  901 

PRINT  913,  (C( I , J) , 1*1,4) ,N 

CALL  PLOT ( X ,XMAX  *XMIN»NX  »YY, YYM AX, YYM IN , NN»N ) 

LABEL  ABSCISSA 
XNX=NX 

DX=(XMAX-XMIN)/XNX 
AX ( 1 ) =XM IN 
MX=NX+ 1 
DO  300  1=2, MX 

300  AX( I )=AX( I-1)+DX 

PRINT  911, (AX( I)  , 1  =  1, MX) 

PRINT  912 
IF(K)301 j 103  »  30 1 

301  IF(K-5)li0,99,110 

FORMATS 

900  FORMAT { 72H1 

1  ) 

901  FORMAT ( 72H 

1  ) 

902  FORMAT (2F10«5»I10) 

910  FORMAT (I10,6F10«?) 

911  FORMAT (  5X11F10.2) 

912  FORMAT (  72H 

1  ) 

913  FORMAT ( /21H  LCG10 (RATE  CONSTANT ) 5X2HM=F 10.4 , 5X2HA=F 10 .4 , 5X2HB=F 10 . 
14,5X2HC=F10.4,13XI5,7H  POINTS/) 

918  FORMAT (4F10.0 ) 

END 


ROBERT  F  SAWYER 
SUBROUTINE  SENSE(N) 

SENSE  SWITCH  SETTINGS 

READS  SENSE  SWITCHES  AS  BINARY  NUMBER  (1234) 

N  1=0 

IF ( SENSE  SWITCH  1)100,101 

100  N 1=8 

101  N2=0 


I 


non  o  o  o  ooooooooooooo 
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IF( SENSE 

SWITCH 

2) 

110, 

111 

no 

N2=4 

in 

N3=0 

IF ( SENSE 

SWITCH 

3) 

120, 

121 

120 

N3=2 

121 

N4=0 

I  F ( SENSE 

SWITCH 

4) 

130, 

131 

130 

N4  =  1 

131  N=N 1+N2+N3+N4 
RETURN 
ENO 
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FLOW  REACTOR  DATA  REDUCTION  PROGRAM,  PART  5 

SP14.5.1 

ROBERT  F  SAWYER 


STATISTICAL  ANALYSIS  OF  RATE  DATA 
TERMINATES  ON  BLANK  CARD 


SENSE  SWITCH  1 
SENSE  SWITCH  2 
SENSE  SWITCH  3 


SUPRESS  PRINT 

READ  OR  PUNCH  PARTIAL  SUMS  FOR  RESTART 
CONTINUE  AFTER  PUNCHING  PARTIAL  SUMS, 
OTHERWISE  STARTS  MEW  SET  OF  RUNS 


DIMENSION 

DIMENSION 

DIMENSION 

DIMENSION 

DIMENSION 

DIMENSION 

DIMENSION 

DIMENSION 


NNRUN (100),T(20)»Y(5»20)»X(20) 
SYR(5),SY2R(5),SXYR(5) 

SUMCR (  5  > , SUMBR ( 5 ) , SUMCR2 ( 5 ) , SUMBR2  <  5 ) 
CR ( 5 ) , SCR ( 5 ) , BR ( 5 ) , SBR { 5 ) 
CTR(5)»SCTR(5),BTR(5)»SBTR(5) 
CTP(5),SCTP(5),BTP(5)»  SBTP ( 5 ) 
SYTP<5),SY2TP(5),SXYTP{5) 
AYR(5),SR(5),AYTP(C),STP(5} 


DIMENSION  NRUNI 20 ) ,CZ ( 4, 5 ) 

DIMENSION  RCR(5) ,RBR ( 5 > , RCTRI 5 > , RBTR ( 5 ) ,RCTP(5) ,RBTP(5) 
COMMON  N I, NR, NP, X , Y, SXTP, SX2TP, SYTP, SY2TP,SXYTP, SUMCR » SUMBR, 
1SUMCR2, SUMBR2 

COMMON  CR»SCK,BR» SBR, CTR , SCTR , BTR, SBTR,CTP, SCTP, BTP, SBTP 


SJT  CONSTANTS 


Z= 1*9864 
S=1./LOGF(10.  ) 

INPUT  OF  PRELIMINARY  DATA 

195  READ  902 
READ  905 
READ  906 


OOOCtOO  o  o  o  O  o  O  OOo 


r 
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READ  903,  CZ 

IF( SENSE  SWITCH  2)180,181 

180  READ  940,  N I ,NR ,NP , SXTP, SX2TP, ( SYTP ( J ), SY2TP ( J >, SXYTP ( J ), SUMCR < J ) » 
1SUMBR ( J ) , SUMCR2 ( J ) » SUMBR2 ( J ) *  J=l»  5) 

GO  TO  189 

181  NI-0 
NR=0 
NP=0 
SXTP=0. 

SX2TP=0. 

DO  182  5=1,5 
SYTP( J)=0. 

SY2TP( J)=0. 

SXYTP ( J  )=0« 

SUMCR ( J ) =0 • 

SUKBRi J)=0. 

SUMCR2 ( J )=0. 

182  SUMBR2(J)=0. 

189  K= 1 

GO  TO  390 

INPUT  TEMPERATURES  AND  RATES 

194  NRUN ( 1 ) =NRUN ( N I ♦ 1 ) 

T(l)  =  nNI  +  l) 

DO  192  1=1,5 
192  YU,1)=Y(I,NI  +  1) 

J=2 

196  READ  900,  NRUN ( J ) , T < J ) , ( Y ( I , J ) , 1= 1 , 5 ) 

IF (NRUN ( J )) 199, 199, 197 

197  IF ( J-l ) 1971 , 1971 » 198 
1971  J=2 

GO  TO  196 

198  I F ( NRUNC  J ) -NRUN ( J-l ) ) 199, 1981,199 
1981  J=J+1 

GO  TO  196 

199  N I = J-l 

NNRUN ( K ) =NRUN ( N I ) 

NK-K  . 

K=K+ 1 

SUMMATION  OF  POINTS  AND  RUNS 

NR=NR+1 

NP=NP+NI 

RECASTING  OF  DATA 

DO  210  1=1, NI 
DO  211  J= 1 »  5 
211  Y(J,I)=2.30*Y(J,I) 

210  X ( I )=T ( I ) /1000. 

STATISTICAL  ANALYSIS 

CALL  STAT 

CALCULATIONS 


O  O  o 
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* 


DO  350  J=  1 , 5 
CR< J)=CR(J)*Z 
SCRi Ji=SCK( j)*Z 
OUM«SCR< J)/CR< J) 
RCR ( J )=ABSF ( DUM ) 
BR< J)=8R(J)*S 
SBR( J )-SBR( J)*S 
OUM=SBR ( J ) /BR ( J ) 
RBR ( J )=ABSF ( DUM ) 
350  CONTINUE 
GO  TO  393 
360  DO  370  J=l,5 

CTR ( J )=CTR  J  J  )  *Z 
SCTR ( J )=SCTR ( J ) *Z 
DUM=SCTR( J ) /CTR ( J  ) 
RCTR ( J )=ABSF ( DUM ) 
BTR( J)=BTR< J)*S 
SBTR ( J )=SBTR ( J )*S 
DUM=SBTR< JJ/BTRt J) 
RBTR ( J )=ABSF ( DUM ) 
CTP  ?  J )=CTP ( J )*Z 
SCTP(J)  =  SCTP(J)-»Z 
DUM=SCTP( J)/C7P( J) 
RCTPI J )=ABSF ( DUM) 
BTP( J)=BTP( J)*S 
SBTPI J)=SBTPI J)*S 
DUM=SBTP ( J)/BTP(J) 
RBTP(J)=ABSF( DUM ) 
370  CONTINUE 
GO  TO  400 


OUTPUT 


390 

391 


IF ( SENSE  SWITCH  1)196»391 

PRINT  902 

PRINT  905 

PRINT  911 

PRINT  912 

PRINT  911 

PRINT  914,  ( (CZ(M,N) , N= 1 , 5 ) , M= 1 , 4 ) 
PRINT  911 
PRINT  911 
J  =  1 


GO  TO  196 

393  PRINT  915,  NNRUN(NK) 

IF ( SENSE  SWITCH  1)  196,394 


PRINT 

911 

PRINT 

916, 

CR 

PRINT 

917, 

SCR 

PRINT 

923, 

RCR 

PRINT 

918, 

BR 

PRINT 

919, 

SBR 

PRINT 

924, 

RBR 

PRINT 

911 

PRINT 

911 

IF (NRUNINI+l ) ) 360, 360, 194 
400  CONTINUE 

IF ( SENSE  SWITCH  1)420,407 
407  PRINT  902 
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PRINT  905 
PRINT  911 
PRINT  912 
PRINT  911 

IF (NK-9)403»401,401 

403  PRINT  920  »  NR ♦ ( NNRUN ( K ) , K  =  1 , NK  ) 

GO  TO  406 

401  PRINT  920,  NR , < NNRUN ( K ) , K= 1 , 9 ) 

I F ( NK-9  >404,406 , 404 

404  PRINT  921,  ( NNRUNI K ) , K= 10 , NK ) 

406  PRINT  911 

PRINT  914 j  ( <CZ(M,N) ,N=1,5) ,M=1,4) 

PRINT  911 
PRINT  916,  CTR 
PRINT  917,  SCTR 
PRINT  923,  RCTR 
PRINT  918,  BTR 
PRINT  919,  SBTR 
PRINT  924,  RBTR 
PRINT  911 
PRINT  911 
PRINT  922,  NP 
PRINT  911 
PRINT  916,  CTP 
PRINT  917,  SCTP 
PRINT  923,  RCTP 
PRINT  918,  BTP 
PRINT  919,  SBTP 
PRINT  924,  RBTP 
PRINT  911 
420  CONTINUE 

I F ( SENSE  SWITCH  2)430,195 

430  PUNCH  940  »N I ,NR,NP,SXTP,SX2TP, (SYTP(J), SY2TP ( J ) , SXYTPI J ) , 5UMCR ( J  )  , 
1SUMBR ( J ) , SUMCR2 ( J ) , SUMBR2 ( J ) , J= 1 , 5 ) 

IF ( SENSE  SWITCH  3)390,195 
900  FORMAT (I10,6F10«5) 

902  FORMAT (72H 

1  ) 

903  FORMAT (4F10.5 ) 

905  FORMAT (72H 

1  ) 

906  FORMAT (6( /) ) 

910  FORMAT ( 1 H 1 ) 

911  FORMAT (1H  ) 

912  FORMAT (  54H  STATISTICAL  ANALYSIS  OF  CHEMICAL  KINETICS  RATE  DATA  ) 

914  FORMAT (28X5F9«4) 

915  FORMAT (6X10HRUN  NUMBER 16 ) 

916  FORMAT ( 6X12HE  ( CAL/MOLE ) 10X5F9.0 ) 

917  FORMAT (6X18HSIGMA  E  ( CAL/MOLE J4X5F9.0 ) 

918  FORMAT (6X12HA  10X5F9«3) 

919  FORMAT (6X12HSIGMA  A  10X5F9.3) 

920  FORMAT ( 6X 1 1HSUMMARY  OF  13, 5H  RUNS9I5) 

921  FORMAT { 25X915 ) 

922  FORMAT (6X1 1HSUMMARY  OF  14, 7H  POINTS) 

923  F0RMaT(6X11H(SIGMA  E ) /El 1X5F9.4 ) 

924  FORMAT ( 6X 1 1H( SIGMA  A ) /A  1 1 X5F9*4 ) 

940  FORMAT (3I5/(6E12*5) ) 

END 


o  o  o  o o  o  o  o  o  q  nn 
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C  STATISTICAL  ANALYSIS  SUBROUTINE 
SUBROUTINE  STAT 

DIMENSION  NNRUN < 100 ) , T ( 20 ) , Y { 5 , 20  > , X ( 2 0  ) 

DIMENSION  SYR ( 5 ) ♦ SY2R ( 5 ) »  SX YR ( 5  ) 

DIMENSION  SUMCR <  5 ) »  SUMBR ( 5 ) ,  SUMCR2I 5 ) ,  SUMBR2 ( 5 ) 

DIMENSION  CR ( 5 ) t  SCR ( 5 ) t  BR ( 5 i , SBR ( 5 ) 

DIMENSION  CTR(5),SCTR(5),BTR(5),SBTR(5) 

DIMENSION  CTP(5),SCTP(5) , BTP( 5 ) , SBTP ( 5 ) 

DIMENSION  SYTP(5)»SY2TP(5),SXYTP(5) 

DIMENSION  AYR ( 5 ) » SR ( 5 ) *  AYTPt  5 ) *  STP ( 5 ) 

COMMON  NI,NR,NP,X,Y,SXTP,SX2TP,SYTP,SY2TP, SXYTP, SUMCR »SUM8R, 
1SUMCR2 , SUMBR2 

COMMON  CR,SCR,BR,SBR,CTR,SCTR,BTR,SBTR,CTP,SCTP,BTP,ScTP 

RUN  SUMMATIONS 

SXR=0 • 

SX2R=0. 

DO  90  J=  1 » 5 
SYR( J)=0. 

SY2R( J)=0. 

90  SXYR(J)=0. 

DO  100  1=1 ,N I 
SXR=SXR+X ( I ) 

SX2R=SX2R+X( I )**2 
100  CONTINUE 

DO  110  J=  1 »  5 
DO  110  1=1, NI 
SYR< J)=SYR< JJ+YI J, I  > 

SY2R( J)=SY2R( J)+Y( J,I)**2 
SXYR (J)=SXYR(J)+X(I)*Y(J,1) 

110  CONTINUE 

TOTAL  PUINT  SUMMATION 

SXTP=SXTP+SXR 
SX2TP=SX2TP+SX2R 
DO  120  J=1 ,5 
SYTPI J )  =  SYTP ( J  J+SYR ( J ) 

SY2TPI J)=SY2TP< J)+SY2R( J) 

SXYTP ( J )= SXYTP ( J ) +SXYR ( J ) 

120  CONTINUE 

CONVERT  RUN  AND  POINT  NUMBERS 

ANI=NI 
ANR=NR 
ANP=NP 

RUN  CURVE  FIT 

AXR=SXR/ANI 
DO  130  J=l» 5 

CR(J)=(ANI*SXYR( J)-SXR*SYR( J) )/(ANI*SX2R-SXR**2) 

AYR{J)=SYR( JI/ANI 


OoO  O  o  o  ooo  oo  OO  O 
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BR { j )=AYR( J  ) 
SR  C  J )  =  C  < SY2R 

•  _  o  t  A  lit  T  %  % 

1  ^  «•*  *  *  ' 

SCR  ( J  )  =  SR  (  J ) 

SBR ( J )  =  SR  <  J  ) 

130  CONTINUE 


-CR( J )*AXR 

( J)-SYR( J)**2/ANI-( (SXYR(J)-SXR*SYR(J)/ANI) 

/  /  * ki  t  _ o  u«*  <; 

/  %  HM  A  fc  •  #  I  "  “  •  ✓ 

«( l./( SX2R-ANI *AXR**2  )  )*».5 
*( SX2R/( ANI*SX2R-SXR**2)  )**.5 


**2 ) / ( SX2R- 


RUN  SUMMARY 


TOTAL  RUN  SUMMATION 


DO  140  J=  1 »  5 

SUMCR ( J )= SUMCR ( J ) +CR ( J ) 

SUMBR ( J )  =  SUMBR { J ) +BR ( J  ) 
SUMCR2 ( J )  =  SUMCR 2 1 J)+CR(J)**2 
SUMBR2 ( J )= SUMBR 2 ( J ) +BR ( J ) **2 


AVERAGES 


CTR ( J }=SUMCR ( J ) /ANR 
BTR ( J  )  =  SUMBR ( J ) /ANR 


STANDARD  DEVIATIONS 

SCTRt J)=( ( SUMCR2 ( J ) -SUMCR ( J ) **2/ANR ) / { ANR-1 • 00000 1 ) )**.5 
SBTR (  J  )  =  ( ( SUMBR 2 ( J ) -SUMBR ( J ) **2/ANR ) /{ ANR- 1 *000001 ) ) **• 5 
140  CONTINUE 


POINT  SUMMARY 


AXTP=SXTP/ANP 
DO  150  J= 1 1  5 

CTP(  J)  =  (  ANP*SXYTPU)-SXTP*SYTP(  J)  > / ( ANP*SX2TP-SXTP**2 > 

AYTP ( J)=SYTP(J)/ANP 

BTP ( J ) =AYTP ( J)-CTP(J)*AXTP  ,  , 

STP ( J )- ( ( SY2TPI J ) -SYTP ( J ) **2/ANP- ( ( SXYTP ( J )-SXTP*SYTP ( J ) /ANP ) **2 ) / 

1 (SX2TP-SXTP**2/ANP ) )/( ANP-2 .))**.  5 
SCTP(  J)  =  STP(  J)*(l./(SX2TP-Af  f,*AXTP**2)  )**.5 
SBTP(J)  =  STP(J)*(SX2TP/(ANF -oX2TP-SXTP**2)  )**.5 
150  CONTINUE 
RETURN 
END 


♦ 
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CHEMICAL  KINETICS  FLOW  REACTOR  DATA  SHEET 

NITROGEN  DIOXIDE/HYDROGEN  REACTION  RATE  STUDY 
ROBERT  F  SAWYER,  GUGGENHEIM  LABORATORIES 

RUN  NUMBER 


PROBE  BASE  (MV) 

OXIDIZER  INJECTION  PORT 


CARRIER 

DILUENT 

FUEL 

t 

CHEMICAL 

N2 

N2 

H2 

MOLECULAR  WEIGHT 

28.01 

28.01 

2.01 

INPUT 

PRESSURE 

(PSIG) 

152.0 

58.0 

21.6 

* 

TEMPERATURE 

(DEGF) 

115. 

80. 

85. 

1 

MANOMETER 

( INHG ) 

• 

2.00 

10.30 

X 

> 

CORRECTED 

\ 

PRESSURE 

(ATMA) 

11.34 

4.94 

2.47 

TEMPERATURE 

( DEGK ) 

321. 

300. 

303. 

MANOMETER 

( INHG) 

2.00 

10.30 

CALCULATED 

FLOW  RATE 

(GM/SEC) 

14.4795 

1.0072 

.0624 

FLOW  RATE  (MOLE/SEC) 

.51683 

.03595 

-03098 

MOLE  FRACTION 

.87237 

.06068 

.05230 

EQUIVALENCE  RATIO 
REACTION  RATIO 


--  nsissasBeajs 


15  MAY  1964 


387 


6.100 

2 


OXIDIZER 


N02 

46.00 


40.6 

394. 


3.76 

468. 


.3990 

.00867 

.01463 


1.786 

3.572 


,'Vl 


i 
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CHEMICAL 

KINETICS 

FLOW  REACTOR  DATA  SHEET 

15  MAY  1964 

NITROGEN 

DIOXIDE/HYDROGEN  REACTION  RATE 

STUDY 

ROBERT  F 

SAWYER* 

GUGGENHEIM 

LABORATORIES 

RUN  NUMBER 

387 

,  HEAT  OF  REACTION 

(CAL/MOLE) 

42530. 

;  FLOW  CONDITIONS 

POINT 

T 

T 

S 

S 

V 

FR 

MV 

DEGK 

- 

D/CM 

CM/SEC 

- 

1 

5.800 

893.3 

0.00 

0.000 

570.3 

0.0000 

2 

6.100 

919.7 

1.32 

2.077 

587.2 

.3057 

3 

6.170 

925.8 

1.26 

1.983 

591.1 

.3761 

4 

6.290 

936.2 

1.19 

1.856 

597.7 

.4965 
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APPENDIX  D.  INFRARED  SPECTRA  AND  MASS  SPECTROSCOPIC  ANALYSIS 
OF  GAS  SAMPLES 

The  infrared  spectra  of  some  typical  gas  samples  taken 
from  the  flow  reactor  are  presented.  Included  are  the 
following, 

ammonia/nitrogen  dioxide  reaction  products, 
excess  nitrogen  dioxide.  Figure  71 

hydrogen/nitrogen  dioxide  reaction  products, 
excess  nitrogen  dixoide.  Figure  72 

The  infrared  spectrum  of  a  nitric  oxide  sample  also  is 
presented.  Figure  73.  Impurities  of  nitrous  oxide  and 
carbon  dioxide  are  detected. 

The  results  of  mass  spectrometric  analysis  of  some 
flow  reactor  gas  samples  are  summarized  in  Table  35. 
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TABLE  35.  Mass  spectrometric  analysis  of  gas  samples 


sample 


composition 


nitric  oxide 
nitrogen 

hydrogen/nitrogen  dioxide 
reaction  products 


ammonia/nitrogen  dioxide 
reaction  products 


NO  y  . 9995* 
N2  >.9998* 

o2  <  .0001 
Ar  <  .0001 
C02  .0002 

H20  .0005 

H2  .0280 
NO  .0140 
N2  .9571* 


Ar  - 

co2  — 

H20  .0002 

h2  <.0001 

NO  .0350 

N2  .9647* 


* 

by  difference 


m 


TRANSMITTAN 


[305] 


APPENDIX  E.  HYDRAZINE/NITROGEN  TETROXIDE  AS  ROCKET 

PROPELLANTS 


The  attractiveness  of  hydrazine  and  nitrogen  tetroxide 
as  a  rocket  propellant  combination  lies- both  in  their  phys¬ 
ical  properties  and  in  their  thermochemical  performance. 

E.l  General  properties 

Properties  of  the  hydrazine/nitrogen  tetroxide  com¬ 
bination  which  contribute  to  their  attractiveness  as  rocket 
propellants  are  listed  below. 

(1)  Storability :  Both  propellants  are  suited  to 

long  term  storage  at  ambient  conditions. 

(2)  Performance:  The  combination  offers  a  specific 
impulse  and  density  which  makes  it  rival  the  cryogenic 
combination  of  liquid  oxygen  and  RP-1  (a  kerosene  blend) 
in  performance  in  a  missle  system  (116).  The  specific 
impulses  at  a  chamber  pressure  of  1000  (psia)  and  an 
equilibrium  expansion  to  1  (atm)  pressure  of  several 
propellant  combinations  are  listed  below  for  comparison. 
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TABLE  36.  Theoretical  performance  of  some  common  propellants 
(117/118,119,120)  (equilibrium  expansion  from  1000 
to  14.7  psia) 


propellant 

mixture  ratio 

bulk  density 

r 

a 

r 

-p 

gm/cc 

sec 

N2°4/N2H4 

1.35 

1.21 

291 

H2°2/M2H4 

2.00 

1.25 

285 

C1VH2h4 

2.79 

1.49 

292 

02/RP~l 

2.45 

1.02 

301 

°2/jI2 

4.00 

0.28 

391 

SiV;i:3 

2.02 

1.06 

269 

N204/RP-1 

4.08 

1.26 

276 

N204/UDMH 

2.65 

1.17 

286 

N204/MMH 

2.19 

1.21 

238 

B5H9/N2H4 

1.27 

328 

n2o4/b5h9 

3.30 

303 

N2°4/N2H4//30%  A1 

0.40 

301 
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(3)  Ignition:  The  combination  is  hyperbolic  and 
therefore  requires  no  ingition  device.  Ignition  has  been 
found  to  take  place  at  pressures  of  less  than  1  (mmHg) 
(108,3).  Combustion  has  been  started  and  sustained  in 
a  rocket  chamber  at  1.5  (psia)  (121). 

E.2  Theoretical  performance 


The  theoretical  performance  of  hydrazine/nitrogen 
tetroxide  as  rocket  propellents  was  calculated  using  the 
equilio  ium  thermodynamics  computer  program  of  Zelenik 
and  Gordon  (122,  123).  Specific  impulse  as  a  function 
of  mixture  ratio  f  >r  equilibrium  composition  and  frozen 
composition  expansions  are  plotted  fo_  "sea  level"  con¬ 
ditions,  ie.  optimum  expansion  to  1  (atm)  pressure  with 
1  (atm)  ambient  pressure,  and  for  "space"  conditions,  ie. 
expansion  to  an  area  ratio  of  200  with  vacuum  ambient 
conditions,  in  Figures  74  and  75,  respectively.  As  is 
the  case  with  most  rocket  propellants,  the  optimum  mixture 
ratio  shifts  from  a  fuel  rich  mixture  for  frozen  ex¬ 
pansion  toward  the  stoichiometric  value  of  0/F  =  1.44 
for  equilibrium  expansion.  Equilibrium  expansion  allows 
recovery  of  energy  stored  in  dissociated  species  there¬ 
by  favoring  the  mixture  ratio  giving  maximum  energy  re¬ 
lease,  near  stoichiometric. 

Some  of  the  parameters  of  the  equilibrium  reaction 
of  liquid  hydrzine  and  liquid  nitrogen  tetroxide  at  a 
mixture  ratio  of  0/F  =1.5  are  summarized  below. 
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FIGURE  74 
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TABLE  37. 


Combustion  parameters,  N 0/F 


pressure 

combustion  temperature 
enthalpy 

molecular  weight 
specific  heat  ratio,  JT 
characteristic  velocity,  c* 


1000  (psia) 
3248  (°K) 

114.6  (cal/gm) 
21.6 
1.149 

5745  (ft/sec) 


composition 


mole  fraction 


.475 

.404 

.043 


.018 


.008 
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The  theoretical  characteristic  velocity  is  plotted 
as  a  function  of  the  mixture  ratio  in  Figure  76.  Defined 
as 


P.  A* 


experimentally  measured  characteristic  velocities,  as 
compared  to  the  theoretical  value,  are  useful  rocket  pro¬ 
pulsion  parameters  representative  of  the  efficiency  of 
the  combustion  process. 

E.3  Experimental  performance 

Several  investigators  have  shown  the  experimental 
performance  of  hydrzine/nitrogen  tetroxide  to  be  close 
to  that  theoretically  predicted. 

Rollbuhler  and  Tomazic  (124)  obtained  maximum  character¬ 
istic  velocities,  c*,  of  5790  (feet/sec)  at  a  mixture 
ratio  of  1.04  in  a  300  (pound)  thrust  chamber  at  a  pres¬ 
sure  of  300  (psia) .  This  is  99%  of  the  theoretical 
equilibrium  value.  In  comparing  these  results  with 
those  obtained  for  hydrogen/chlorine  trifluoride,  they 
concluded  that  the  dissociation  of  nitrogen  tetroxide 
to  nitrogen  dioxide  was  largely  complete  before  combustion 
and  contributed  to  eni  ancing  propellant  vaporization  and 
reaction.  Chlorine  tribluoride  would  not  and  did  not  show 
this  behavior. 

In  a  much  smaller  rocket  at  low  combustion  pressure, 

25  (pounds)  thrust  at  a  chamber  pressure  of  10  (psia), 
Wanhainen,  DeWitt,  and  Ross  (121)  obtained  a  maximum 
characteristic  velocity  of  5200  (ft/sec)  (or  92%  of  the 
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theoretical  value)  at  a  mixture  ratio  of  1.0. 

Chilenski  and  Lee  (125)  studied  hydrazine/nitrogen 
tetroxide  in  an  approximately  100  (pound)  thrust 
chamber  at  pressures  of  300  to  500  (psia).  In  particular, 
they  investigated  performance  at  low,  0  to  0.55,  and  high, 
5.9  to  13.0,  mixture  ratios,  r.  In  the  fuel  rich  region 
they  obtained  performances  in  excess  of  those  theoretically 
predicted.  They  attributed  this  result  to  a  lack  of 
endothermic  ammonia  decomposition.  In  the  oxidizer  rich 
region,  they  obtained  performances  below  the  predicted 
values.  They  attributed  this  performance  to  the  lack  of 
exothermic  dissociation  of  the  nitrogen  oxides. 

The  effect  of  the  non-equilibrium  behavior  of  hydra¬ 
zine  decomposition  whereby 

N2H4  m3  +  HH2  +  h®2  +33.80  [kcal] 


instead  of  the  equilibrium  decomposition 


N2H4  — ►  2H2  +  N2  +22.75  [kcal] 

to  give  higher  than  theoretically  predicted  performance 
has  been  noted  before,  see,  for  example,  (126). 

Elverum  and  Stauhammer  (127)  studied  the  combustion 
of  hydrazine  and  nitrogen  tetroxide  at  40,  80,  and  800 
pounds  thrust  levels  at  pressures  between  200  and  300  psia. 
They  obtained  performance  of  up  to  98%  of  theoretical 
characteristic  velocity  but  noted  the  necessity  of  obtain¬ 
ing  rapid  and  complete  mixing  to  prevent  hydrazine  vapor 


» 
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expolsions.  Low  performance  was  observed  where  poor 
liquid  phase  mixing  was  obtained.  They  attributed  this 
effect  to  an  inhibition  of  liquid  phase  mixing  by  rapid 
initial  reaction  [which  seems  to  be  a  rather  circuitous 
argument] . 

Experimental  performances  in  terms  of  characteristic 
velocity  are  compared  in  Figure  77.  The  theoretical  character¬ 
istic  velocity  curve  is  for  a  pressure  of  300  (psia) . 

While  characteristic  velocity  drops  only  slightly  with 
decreasing  chamber  pressure,  the  low  pressure  experimental 
results  (curve  C)  should  be  compared  with  a  theoretical 
value  somewhat  less  than  that  in  the  figure.  Away  from 
the  optimum  mixture  ratio  (1.31),  non- equilibrium  effects 
cause  the  experimental  results  to  diverge  from  the  theo¬ 
retical  predictions.  The  low  performance  at  low  pressure 
is  probably  due  to  low  injection  velocities  and  poor 
mixing  rather  than  any  effect  on  the  chemical  reaction. 
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